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ABSTRACT 
Engineers commonly describe the iron precipitate in water treat­
ment plants as ferric hydroxide, Fe(OH)^, but have also considered the 
possibility of ferrous carbonate, FeCO^, in certain cases. This 
research found that FeCOH)^ does not exist under any conditions and 
did not find any evidence for FeCO^ under normal situations. Rather, 
the precipitate seems to be very small crystals of lepidocrocite, 
y-FeOOH, at low silica concentrations (<7 mg/1 at pH 7 with an iron 
concentration of 10 mg/1), but becomes amorphous at higher silica 
concentrations due to the adsorption of silica onto the growing 
crystals. 
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PREFACE 
The nineteenth century brought rapid industrialization and urban­
ization along with a parallel expansion of public water systems and 
water treatment technology. The iron removal process which we use 
widely even today was discovered during that era, yet surprisingly, 
there are still large gaps in our knowledge of the seemingly simple 
processes of aeration, sedimentation and filtration used to remove iron 
from water. Prior to this study, even the identity of the precipitates 
formed was unknown, much less how its characteristics were affected by 
the water quality and treatment processes. This work answers some of 
these questions. 
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IRON IN GROUNDWATER SUPPLIES 
Iron in potable water is not generally considered a health hazard. 
It does, however, present aesthetic problems when present in water in 
concentrations exceeding about 0.3 mg/1, such as staining fixtures and 
laundry and causing an astringent taste. People are also hesitant to 
drink water which has a slight color and may prefer to get their water 
from a source which is clear but of unknown sanitary quality. In 
certain cases, iron in water may support bacteria which in turn can lead 
to more taste, odor and color problems besides causing increased distri­
bution system headlosses. Although there are a few bacteria which can 
utilize iron as an energy source, there are a greater number which can 
cause iron deposition (18). When a system becomes fouled by iron to an 
extent that minimum pressures cannot be maintained at all points in the 
distribution system or that the public will not drink the water, the;» the 
iron in potable water definitely will cause a health hazard: 
The maximum recommended level for iron in water has been given as 
0.3 mg/1 as Fe by the 1962 edition of the Drinking Water Standards 
published by the United States Public Health Service. This iron concen­
tration has subsequently also been proposed as the maximum contaminant 
level (MCL) in the 1977 Secondary Drinking Water Standards by the 
Environmental Protection Agency. The level roughly corresponds to the 
concentration at which iron will precipitate out of solution in the 
presence of dissolved oxygen, although this is certainly not an absolute. 
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In comparing the 0.3 mg/1 MCL for iron against Iowa waters, it 
is evident that iron in Iowa potable water supplies is a very wide­
spread problem. Some 40-50 percent of all Iowa municipal water supplies 
have more than 0.3 mg/1 of iron in their raw water. Table 1 shows 
some typical raw water quality data for selected Iowa towns (45). The 
problem is most critical for a small town (<1000 people) because it 
frequently means the town not only must build a treatment plant, which 
is correspondingly more expensive per person to build and operate than 
are larger plants (also falls upon a higher proportion of retired and 
low income people), but then the town must train and pay someone to 
operate the plant. Several towns, usually with less than 300 people, 
have been severely strained financially due to the need to build and 
operate iron-removal water treatment plants. 
As another indication of the extent of the iron problem, during a 
one-year period the Iowa Department of Environmental Quality received 
plans for 17 iron-removal water treatment plants while receiving plans 
for only 6 treatment plants of other flavors (reverse osmosis, lime 
softening, ion exchange and H^S removal). There were also an additional 
6 proposals for use of polyphosphate addition to hold iron in solution 
as a remedy to iron problems. 
The most common iron treatment systems in the midwest are listed 
in Table 2 and correlated with an approximate range of applicable raw 
water iron content. Although chemical addition is listed only once in 
each scheme, it is certainly possible that the addition of chemicals 
Table 1. Typical Iowa water supply data (45) 
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Garnavillo 1924 390 Well #1 322 0.12 12.4 
(662) 1956 812 Well #2 237 0.12 10.0 
Garner 1932 220 Well #1 405 0.20 19.9 
(1,990) 1957 325 Well #2 393 0.32 20.6 
Garrison 1958 1618 Well #2 813 1.6 9.6 
(421) 
Garwin 1943 179 Well # 2  1338 0.44 7.8 
(546) 
Geneva 1949 160 Well #1 644 2.6 15.2 
(219) Plant Effluent 631 0.24 14.4 
George 1910 30 Well #1 875 0.02 26.4 
(1,200) 1936 30 Well #2 627 0.02 24.0 
1955 32 Well #3 630 0.02 26.4 
Gilbert 1915 160 Well #1 481 8.0 16.8 
(318) Plant Effluent 473 0.10 14.8 
Gilbertville 1951 200 Well #1 241 0.02 17.6 
(533) 1959 150 Well #2 397 2.1 16.2 
Gilman 1952 57 Well 519 2.20 24.0 
(491) 1941 345 Park Well 2317 4.72 14.0 
1927 30 Standpoint Wells 365 0.05 26.4 
Gilmore City 1957 207 Well #3 415 0.02 29.6 
(688) 
Gladbrook 1945 599 Well #1 3174 19.5 8.4 
(949) 1944 51 Well #2 444 — — 17.0 
1953 52 Well #3 500 — — 30.6 
1960 45 Well H 460 9.4 21.6 
Plant Effluent 491 2.52 16.4 
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Chemical Characteristics in mg/1 
K Na Ca Mg Mn NO^ F C SO^ HCO^ CO^ 
0,7 7.2 75.6 32.6 <0.05 <0.1 0.25 12.5 32. 8 329 0 
0.8 4.1 65.6 28.4 <0.05 <0.1 0.2 <0.5 18. 0 317 0 
2.4 6.4 84.0 40.3 <0.05 <0.4 0.55 <0.5 14. 2 454 0 
2.6 7.2 92.0 34.0 0.08 <0.4 0.55 <0.5 12.8 445 0 
11.1 65.6 116 53.5 <0.05 <0.4 1.6 4 328 366 0 
7.7 168 110 68.0 <0.05 <0.4 0.8 5 725 232 0 
1.0 14.6 142 46.2 <0.05 2.7 0.25 32 108 492 0 
1.0 13.9 142 46.2 0.11 1.8 0.25 32.5 108 495 0 
3.3 34.4 150 59.5 <0.05 69.1 0.4 39.5 207 459 0 
2.7 20.1 116 37.7 0.09 37.2 0.6 14.5 159 360 0 
2.6 19.4 112 43.7 0.12 35.3 0.6 14.5 162 360 0 
3.1 38.8 106 34.5 0.20 7.1 0.45 <0.5 9. 5 554 0 
3.1 39.2 96.0 34.0 0.16 6.6 0.45 <0.5 10. 5 544 0 
0.4 4.6 51.2 15.6 <0.05 11.5 0.35 3.5 39. 7 173 0 
2.1 10.6 92.8 25.3 0.42 2.2 0.5 4 70.2 322 0 
1.3 11.2 116 28.7 0.11 0.4 0.4 5 115 390 0 
8.6 146 294 118 <0.05 1.8 0.4 5 1358 210 0 
0.1 5.6 78.8 24.1 <0.05 22.3 0.1 4 44. 2 293 0 
1.4 4.6 92.8 28.2 <0.05 14.6 0.25 10.5 
00 
6 334 0 
17.4 240 340 177 0.08 13.3 2.0 82 1750 259 0 
0.8 13.7 97.4 24.4 0.74 1.8 0.2 14 117 290 0 
0.8 20.1 94.1 24.5 0.06 20.6 0.2 17 136 254 0 
0.6 15.7 99.2 23.8 1.0 <0.1 0.2 12 94. ,6 309 0 
0.9 13.3 102 20.4 0.77 <0.4 0.2 13 110 300 0 
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could occur at several points in a treatment plant. In addition, 
there are several choices of equipment for each unit process. If a 
raw water has less than 1 mg/1 of iron, it is not unusual that no 
treatment is provided. The town either gets lucky and has no iron 
problems or it simply suffers with the iron. Again, Table 2 is an 
approximation and certainly cannot be used to predict the treatment 
needed for a particular water. In fact, there is currently no general 
systematic approach which can be used in designing an iron removal plant. 
It has become, rather, a matter of "using what has worked well in the 
past" without a real understanding of the iron removal process. It would 
Table 2. Treatment schemes for iron removal used in Iowa 
Approximate 
Iron 
Concentration 
Range (mg/1) Treatment Scheme 
>10 Aeration-Chemical addition-Coagulation-Sedimentation-
Filtration (if lime softening is done, the iron is 
removed also) 
2-10 Aeration-Possible chemical addition-Detention-Filtration 
<2 Aeration-Possible chemical addition-Filtration 
<1 Polyphosphate or some other chemical to inhibit iron 
precipitation (the level of iron for which this method 
is suited is questionable due to a lack of research and 
frequent unverified enthusiastic claims by chemical 
salesmen) 
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be a great achievement to have a system of design whereby, if the raw 
water iron content, pH, alkalinity, COg, organics, silica, TDS and 
other parameters were known, then the aeration, detention, chemical 
addition and filtration could be accurately designed to provide the 
least cost system. Such a goal is beyond the scope of this work. How­
ever, the research described herein will try to set forth a few 
principles of iron removal and to describe some new approaches to iron 
removal. 
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ODDITIES IN IRON REMOVAL 
Nearly every serious worker in filtration research has at one time 
used an iron salt to form a precipitate which he then removes in a 
34. 2+ 
filter. Those that have used both a ferric (Fe ) and a ferrous (Fe ) 
salt to provide the same concentration of iron in suspension know that 
the ferrous salt, which has to be oxidized by aeration to the ferric 
form, gives a precipitate that causes lower headlosses in the filter 
but still has a higher fraction of the iron removed by filtration. 
Figure 1 shows headloss and iron removal data for the filtration of a 
7 mg/1 initial iron concentration prepared from both a ferric and a 
ferrous salt (37 ). Notice that the headloss at the 1-inch depth for the 
ferric salt is always greater than the headloss at the 9-inch depth for 
the ferrous salt. Similarly, Figure 2 plots the impermeability constant, 
K^, versus the ratio of the concentration of iron to diatomite, 
during precoat filtration of iron-bearing water prepared using ferric 
and ferrous iron and diatomite filter media (19). The headloss across 
such a filter is linearly dependent on K^, so that the figure is saying 
ferric salts give about ten times the headloss as do ferrous salts in 
diatomite filters. Also note that if a ferrous salt is oxidized with 
^2^^2^7 f^^her than air, it behaves like a ferric salt. As of now, there 
is no satisfactory explanation for the observed filtration differences 
between precipitates derived from ferric and ferrous salts. 
In general, experience with iron removal indicates that the oxidation 
10 
5.0 
4.0 
LU 
LU 
3.0 
to 
I/o 
o 
o 2.0 
1 . 0  
0 . 0  
C£. 1.0 
LU 
H-
_1 
M 
LU 
Z 0.8 
o 
z o 
o ^  
cc o I—1 
U_ ?" n g 
o o V . V 
•Z. (-
2S 
H H-
C Z 
QL LU (- o 0.4 
z z 
LU O 
o o 
z 
O 1— (_) z 
U_ =3 
O _! 0.2 U_ 
O Z 1—1 1—H 
1-
<o ÛC h-
T 
FLOW RATE = 6 gpm/ft' 
CQ = 7.0 mg/Jl as Fe 
SAND SIZE = 0.65 mm 
FERROUS SALT 
FERRIC SALT 
9" DEPTH y 
y 
/5" DEPTH 
1" DEPTH. 
.9" DEPTH 
/ 
H 
// 
"5" DEPTH 
1" DEPTH 
r'J)EPTH 
1" DEPTH 
5" DEPTH 
5" DEPTH 
Q" nFPTU 
-Q" DEPTH 
1 2 3 4 5 6 
TIME FROM START OF FILTER RUN IN HOURS 
Fig. 1. Head loss and removal characteristics of ferric and ferrous 
salts at various depths from the surface in a granular media 
filter (37) 
11 
Feci 
4000 
FeSO^ OXIDIZED 
WITH KoCroO, 
2000 
1000 
600 
400 
Lf) 
LU 
UJ 
LL. 5 FeSO 
CÛ 
—I FeCl 100 
LU 
tu 
0.01 0 .02 0 .04 0 .07 0 .10 0 .20 0 .50 
SUSPENDED SOLIDS CONCENTRATION 
BODY FEED CONCENTRATION 
Fig. 2. Relation of impermeability (K4) to ratio of suspended solids 
to body feed concentration for solids prepared from different 
iron salts (19) 
12 
of iron with chlorine or KMnO^ forms precipitates that clog slow sand 
filters faster than iron precipitates oxidized by air (12). It was 
also just pointed out that oxidation of ferrous salts to form precipit­
ates using KgCrgO^ increases the headloss across diatomite filters by 
about ten times. Sanders (76) wrote that excessive aeration can inter­
fere with iron removal in rapid sand filters and that limiting the 
dissolved oxygen to a fraction of saturation gives better results. A 
case study illustrating the effect of chlorine and KMnO^ on the 
characteristics of precipitated iron is provided by Cleasby (20). This 
study involved a new water plant in Iowa designed to remove both iron 
and manganese. However, after its startup, the iron and manganese 
levels in the raw water doubled, and as a result red water complaints 
became common. It is not an unusual occurrence for the raw water iron 
and manganese levels to increase after construction of a well and is a 
phenomenon which deserves attention. The plant in question used 
aeiaLiou, chemical addition (KîînO^, chlorine, NaOH and alum), detention 
and filtration for iron removal. The problem was partly solved by 
replacing part of the sand media with anthracite to allow longer filter 
runs, and by eliminating shock flows (rate changes, off-on operation) to 
the filters which were washing cut iron and manganese into the effluent. 
The other part of the problem solution was to change the point of 
chlorine addition to after the filters and the point of KMnO^ addition 
to immediately ahead of the filters rather than in the detention tank. 
This arrangement, according to Cleasby, greatly improved the plant 
13 
performance. Oxidation of iron with chlorine or KMnO^ is much faster 
than oxidation by oxygen but whether the rate of oxidation or extent of 
oxidation of the ferrous iron will greatly affect the character of the 
precipitate or whether the preceding observed phenomenon is due to some 
other factor is unknown. 
New England waters ^ which are usually soft and low in alkalinity 
as compared to Midwestern waters, are often difficult to treat for iron 
removal (10). Again, the reason for this is unknown. 
There must obviously be differences in the iron precipitate(s) which 
account for the variances in the ease of treatment but are these 
differences due to mineral identity, particle size, particle charge or 
the surface chemistry of the precipitate? 
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SOME PHYSICAL CHEMICAL CONSIDERATIONS 
Analysis of the actions of iron in water relies heavily on 
physical chemistry concepts. It is, therefore, important to mention 
some of those concepts which will be most useful in describing the 
iron-water system. 
Gibb's Free Energy and the Equilibrium Constant 
Gibb's free energy is a measure of a chemical system's total 
chemical energy. Systems with a high energy will seek lower energy 
levels via some chemical reaction: 
An analogy is a pop bottle standing upright which has a high energy. 
The bottle will fall over if someone pushes it because a pop bottle 
laying sideways has a lower total energy. Just as is the case with the 
bottle, chemical reactions often need an initial input of energy to get 
them going, but once started, may proceed unaided until an equilibrium 
condition is reached. For example, a can of gasoline will sit quite 
calmly until someone lights a match. It is the difference in Gibb's 
free energy between the products and reactants which determines whether 
a reaction can occur, although a favorable energy difference does not 
necessarily mean the reaction will occur as pointed out in the case of 
the gasoline. If the difference in Gibb's free energy, which is denoted 
(higher energy) 
Reactants Products 
(lower energy) (1) 
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by AG , is less than zero, then the reaction is possible. If AG is 
greater than zero, the reaction will not occur but the reverse reaction 
may. Finally, if AG equals zero, no reaction occurs and the system 
is said to be at equilibrium. 
Mathematically, for the reaction aA + bB = cC + dD, the following 
relation holds true at equilibrium: 
a CL, 
-AGU° 
r 
a 
C D ^ RT 
b eq 
a. 
B 
(2)  
where : 
= the activity of the "i"th species, 
K = the equilibrium constant, 
eq 
AGg° = the change in the Gibb's free energy for the reaction at 
one atmosphere pressure and a temperature (usually 25°C) 
which must be specified, 
R = the universal gas constant = 8.314 J/°K-mole = 0.08206L* 
atm/°K*mole, and 
T = temperature in degrees Kelvin. 
At nonequilibrium conditions, the following is true: 
AG = AG ° + RT-ln 
a. 
a. 
a. 
D (3) 
a. 
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Kinetics 
If the rate of change of A to B for the reaction A -> B is -k' [A], 
and if the rate of change of B to A is -k."[B], then the overall rate 
of change of A for these opposing reactions is: 
^ = -k' [A] + k" [B] (4) 
where '• 
k', k" = rate constants (k'/k" = in this case). 
The change in the rate constant with temperature is commonly described 
by the Arrhenius equation: 
k = Ae ^a (5) 
k - rate constant, 
A = a constant, and 
= the activation energy for the reaction. 
Thus, if the rate constant is known at temperature T^, the rate constant 
at any other temperature is: 
i - f' 
Kj = fcj e ® ' 'o (6) 
o 
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Activities 
Most solutions act in a complex manner and the effects of dissolved 
species are not strictly proportional to their concentration. Therefore, 
activity coefficients are used to make up for this nonlinearity and 
usually take the following form: 
"a " (7) 
The activity coefficient, may be estimated from the following 
equation (the Guntelberg Equation, 88): 
log Y. = -B ' (8) 
1+VÏ 
where : 
= the activity coefficient. 
2/3 
B = (0.5)•(T/298) , T is the temperature in degrees Kelvin, 
Z. = the charge on the ion, and 
A 
I = the ionic strength = i S C^Z^, = the molality of 
species 1. 
Activity corrections are not applied to rate equations since the 
equations are usually developed for a narrow range of concentrations. 
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Colloidal Chemistry 
It is appropriate to discuss the basic concepts and definitions 
of colloidal chemistry in order to refresh the reader's memory and to 
avoid confusion over terminology such as "gel" or "flocculation". 
A colloidal suspension or sol is a dispersion of particles too 
small to settle out in a reasonable time. These particles are kept 
from settling by the unbalanced thermal motion of water molecules 
around the particle, called Brownian motion. The particles will have 
an average kinetic energy governed by the equipartition of energy 
theorem and the net effect will be the creation of a "mini-atmosphere" 
of particles. 
If the colloidal particles contact each other in a "string of 
beads" or "house of cards" fashion, a gel is said to have formed. The 
structure is full of water and might be easily upset by the addition of 
ions. 
If colloidal particles begin to agglomerate and finally settle, it 
is said to have been flocculated or coagulated. The reverse is called 
deflocculation, peptization, or stabilization. Particles will 
coagulate due to van der Waals forces but these forces can be countered 
by repulsive electrical forces due to preferential adsorption of peptizing 
ions on the colloid surface or charge deficiencies in the crystal lattice. 
The addition of ions to solution can sometimes enhance this electrical 
repulsion and peptize a coagulated colloid or decrease the repulsion 
and coagulate a peptized colloid. 
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An important concept is that small particles coagulate faster 
than larger particles since the total particle repulsion is less for 
small particles (97). A theoretical lower limit on the order of 10 ^m 
has been estimated for the particle diameter before a stable sol can be 
formed, but practically, the formation of sols with diameters less than 
10 ^ m is extremely difficult (98). 
Crystallization 
Lieser (53) describes the process of formation of a solid phase 
from solution as involving nucleation, growth, ripening and recrystal-
ization. Nucleation involves the initial formation of the solid phase 
either by growth on foreign seed crystals (heterogeneous nucleation) or 
by formation of crystals directly from solution (homogeneous nucleation). 
The theory of homogeneous nucleation arises from looking at the Gibb's 
free energy necessary to form a polymer of a given size. Figure 3 shows 
* 
how such a function might look. Polymers with n>n should grow in size 
* 
while polymers with n<n should be inclined to redissolve. The final 
result is (88): 
J = A e-AGa/kT (g) 
AG = 1* * (10) 
^ 3[kT In (a/a^)] 
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where : 
3 
J = number of nuclei formed/cm /sec, 
A = constant, 
k = Boltzman's constant, 
T = temperature in °K, 
AG^ = change in free energy necessary to create a nucleus (see 
Figure 3), 
Y = surface tension of liquid, 
V = molar volume of liquid, 
a = activity of species to be precipitated, and 
a^ = activity at saturation of the species to be precipitated. 
The rate of nucleation is very dependent on the degree of supersaturation 
3 (a/a^). For pure water at 20°C, y = 72.75 dynes/cm and v = 18.03 cm / 
mole, hence: 
J = Â-exp (11) 
ln(a/a^) 
Increasing the a/a^ ratio from 10 to 100 increases the rate of nucleation 
by about 240,000 times. One can see why Lieser (53) says that smaller 
particle sizes are obtained from more concentrated solutions; the 
greater the number of particles the smaller is their size for equal 
total masses. 
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0 NUMBER OF MOLECULES IN POLYMER, n 
Fig. 3. Gibb's free energy versus polymer size 
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Another type of nucleation is termed secondary nucieation (13, 59, 
75, 83, 94). This is nucleation caused by the presence of other 
particles of the same precipitate and is due to the breakage of existing 
particles creating new nuclei or due to the formation of new nuclei on 
or near the surface of existing particles because of the surface 
character or concentration differences in the double layer. In some 
cases, the secondary nucleation rate is substantially increased by the 
velocity of flow past the seed crystals (94), and in other cases a 
minimum particle size is necessary before secondary nucleation can occur 
(75). A good example of secondary nucleation is cloud seeding with Agi 
crystals; far more rain drops are produced than crystals added (83). 
The growth of crystals occurs by the deposition of single ions or 
molecules, is usually controlled by diffusion to the surface or the 
surface reaction itself and would rather occur at low energy surfaces 
of the particle. Pamplin (70) states that fast growth rates can cause 
the inclusion of mother liquor in the crystals. 
Ripening is the process whereby the newly formed crystals reach 
thermodynamic equilibrium by eliminating defects and by creating larger 
crystals. Recrystallization refers to the approach to equilibrium by 
the slow dissolution and recrystallization into more favorable states. 
Ostwald's law of stages says that supersaturated solutions do not 
spontaneously transform to most stable phase but rather to the next most 
favorable phase, which is probably due to the kinetics of nucleation 
and growth. Hence, recrystallization over a long period is not unusual 
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(27) since the most stable mineral therraodynamically is usually not 
the mineral which precipitates first. 
The precipitation of hydroxides in water is more complicated since 
it also involves reactions between OH groups and the elimination of 
water from the crystal (53). The nucleation theory just presented does 
not account for these reactions. Hydroxide precipitates in water also 
tend to be amorphous. 
The effect of impurities can be very significant in crystallization. 
Pamplin (70) has a relevant discussion of crystal habit modification. 
This is important to industry, since whether the crystals are plates, 
needles or prisms can be critical in certain situations. The habit 
can sometimes be affected by controlling the rate of crystallization 
(by supersaturation or temperature control) or by adding an impurity 
(surface active agents are often effective). This may be due to the 
cessation of growth on some or all faces due to adsorption of the 
impurity (89). An example is the suppression of ice nucleation and 
growth in ice cream by addition of sodium carboxymethyl-cellulose. Shor 
2+ 3+ 
and Larson (83) demonstrated that Co and, even more so Cr , decreased 
the rate of nucleation whereas surfactants, especially higher weight 
ones such as dodecvlamine hydrochloride CH^  (CH^ ), tM^ 'HCI, increased 
J XX i. 
the nucleation rate in the precipitation of KNO^ from water. No great 
change in crystal habitate or purity was found. Exactly what causes 
these effects is uncertain; they could be due to surface energy and 
tension effect, ionic double layer effects, or others. Another effect 
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of impurities is that if a crystal is growing rapidly, impurities 
adsorbed on the surface may be engulfed and may cause strains and dis­
location in the crystal structure (27). The concentration of such 
adsorbed compounds in the crystal would be higher than in the solution 
in such cases. 
A dilemma in practical application of crystallization is that a 
high production rate of crystal product or precipitate usually means 
a smaller average particle size (59). This has important industrial 
consequences since it is desirable to form commercial precipitates in 
as short a time as possible; however, the correspondingly smaller size 
means greater expense in separating the crystals from the liquid. 
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ANALYTICAL TECHNIQUES 
Several experimental methods are used in this study which may not 
be familiar to every reader. A short summary is, therefore, given here 
on X-ray diffraction, transmission electron microscopy, differential 
thermal and thermogravimetric analysis, infrared spectroscopy and 
surface area determination. 
X-Ray Diffraction 
X-Rays are high energy, short wavelength photons which can be 
produced with a narrow range of wavelengths. When X-rays interact 
with a regular array of atoms such as occurs in a crystal lattice, a 
characteristic interference pattern will be produced that is dependent 
on the interatomic dimensions and will give a fingerprint for the 
crystal composition. X-Ray diffraction patterns can thus be used to 
determine the mineral identity of a sample. The lack of an orderly 
array of atoms will cause the X-ray interference pattern to become more 
diffuse and amorphous materials will only give "amorphous halos". 
Smaller crystallite sizes and crystal strains will also tend to spread 
the X-ray peaks. 
Transmission Electron Microscopy 
The transmission electron microscope (TEM) is similar to a light 
microscope except that instead of photons, it uses electrons which have 
been accelerated through a 40,000 to 100,000 volt potential and focuses 
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them onto a thin film which holds the sample. Magnetic lenses take 
O 
the place of glass lenses and give a resolution of about lOA. 
Differential Thermal and Thermogravimetric Analysis 
When a compound is heated, it will undergo exothermic and endo-
thermic reactions at different temperatures. These reactions can be 
monitored with a thermocouple which measures the temperature 
difference between the sample and a nonreactive reference compound. 
This is called differential thermal analysis and can be used on samples 
as small as a few milligrams. Thermogravimetric analysis simply keeps 
track of the weight losses as the sample is heated. Both of these 
methods can be helpful in identifying compounds; however, the shape of 
the curves can be influenced by factors such as particle size, moisture 
content and adsorbed ions. 
Infrared Spectroscopy 
Organic chemistry has used infrared spectroscopy extensively for 
many years, but, infrared is also being used more and more in inorganic 
research. The principle behind infrared spectroscopy is that molecular 
rotations, vibrations, and bendings and electron excitations will adsorb 
only discrete quanta of energy which depend on the bonds and elements 
involved. The adsorption peaks are determined by scanning the sample 
between a wavelength of about 1 lira up to about 100 ym depending on the 
instrument. Unlike diffraction, infrared patterns are more affected by 
the short range order of the sample rather than by the long range order. 
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It is possible then, to determine the specific functional groups such 
2-
as CO^ or OH . Unfortunately, the spectrum of inorganic crystals 
usually have only a few broad, overlapping bands unless they contain a 
group such as , OH , etc. (96). 
Surface Area Determination 
A standard way of determining surface area is by use of the BET 
isotherm equation for partial pressures of the adsorbate between 5 percent 
to 30 percent of the saturation vapor pressure. If water is chosen as 
the adsorbate, a simple BET isotherm can be determined by placing the 
samples in several desiccators of known partial pressure and recording 
the weight gains or losses. Weighing bottles are used so that the 
samples can be capped and removed from the desiccators for weighing. 
A form of the BET equation is: 
where : 
V(l-x) CV CV 
m m 
— + (C l)x (12) 
X = p/p°, 
p = partial pressure of gas, 
p° = partial pressure of gas at saturation, 
V = number of moles of gas adsorbed per unit weight of adsorbent 
at partial pressure, p, 
= number of moles of gas adsorbed per unit weight of adsorbent 
when a monolayer of gas has formed, and 
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C = constant. 
Thus, can be calculated from Equation 12 if two or more points on 
the isotherm are known and then the total surface area can, in turn, 
be calculated if the area of each adsorbed molecule is known (1). This 
approach, however, does ignore capillary condensation, micropores and 
hysteresis factors. 
Miscellaneous 
Ultracentrifugation has been used to determine the molecular 
weight of the particles in a sample (2, 32). Very small particles in 
water will not settle because their diffusive forces are greater than 
the gravitational force. With an ultracentrifuge, the settling force 
can be increased to over 100,000 g's and even the smallest particle 
can be made to settle. In fact, even sucrose molecules can be made to 
partially settle when the full power of some ultracentrifuges is used. 
Once the particles do begin to settle, sedimentation theory can be used 
to obtain the particle sizes since smaller particles will settle more 
slowly. This method was not used in this study because the iron particles 
tended to flocculate and the size of these floes were not of interest 
here. However, the technique may be of use in future iron precipitate 
research. 
One other promising method for determining particle size should 
be put on record although it was not seriously pursued. Chromatography 
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can be used to separate particles on the basis of size since small 
particles penetrate more of the voids between the packing material. 
Since these voids will have a slower fluid velocity (62, 86), the 
result is that it will take longer for small particles to pass through 
a chromatographic column than for large ones. One problem is that 
the particles may be adsorbed onto the packing material and so 
precautions must be taken against this (62). 
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THE IRON PRECIPITATE 
The iron precipitate in water treatment plants is usually referred 
to as FetOH)^ (ferric hydroxide); however, FeCO^ (ferrous carbonate or 
siderite) and FeCO^-Fe(OH)2 have also been proposed as possibilities 
(34, 67). Surprisingly, the actual mineral identities of the 
precipitates have not previously been determined. The following 
sections will, therefore, discuss some possible iron precipitates. 
FeCOg 
There has been some consideration given to FeCO^ as being the iron 
precipitate formed in water treatment plants (34, 67). Figure 4 shows 
a log concentration plot for FeCO^, Fe(OH)g and Fe(OH)^, (84, 88) and 
could be interpreted to mean that FeCO^ might form if oxidation of 
2+ 
Fe were prevented. Of course, significantly different plots can be 
made depending on whose solubility product one chooses. 
Olson and Twardowski (67) tried to look at some of the advantages 
of FeCOg over Fe(OH)g as a precipitate. The Fe(OH)g was prepared from 
a ferric salt and was described as being a gelatinous mass with 
individual particles about 0.1 micrometer in size imbedded in the gel, 
but it must be realized that this is approaching the lower limit of 
light microscopy. The other precipitate was described as single large 
crystals 5-100 micrometers in size and was formed from a ferrous salt 
in deoxygenated water. The authors claim that it was FeCO^ although 
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4. Solubility diagram of Fe(OH)_, FeCO_, and Fe(OH)„ for a total 
carbonate alkalinity of 300 mg/& 
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they did not actually analyze it. They tested the filtrabiliity of 
the two precipitates with a millipore filter (simple straining) and the 
presumed FeCO^ proved superior; however, it may not be fair to compare 
a millipore filter with a granular media filter since the mechanism 
in a granular media filter is more complicated than simple straining. 
Furthermore, it has already been described that ferric salts give worse 
filtrability on diatomite filters than ferrous salts, even when the 
ferrous iron is oxidized purposely. Ferric and ferrous salts may both 
give rise to Fe(OH)g but other factors may influence their filtrability. 
Hence, one cannot conclude that FeCO^ is better than Fe(OH)^ unless a 
ferrous salt is the source of both precipitates and FeCO^ is proven to 
be one of the precipitates. 
It is unfortunate that Olson and Twardowski did not analyze their 
precipitates rather than to just assume that since only Fe^^ and 
were present in the absence of oxygen, then only FeCO^ can form. It is 
difficult to insure that no oxygen seeped into the system either during 
the precipitation phase or the filtration phase. If Fe(0H)2 was the 
actual precipitate, it would rapidly oxidize when exposed to the 
atmosphere. In addition, they believed the light yellow color of the 
precipitate indicated it to be FeCO^, but there are also iron oxyhydrox-
ides which could be described as having a light yellow color. One last 
comment is that the large size of the presumed FeCO^ crystals would 
indicate a fairly long growth period, although no data on growth 
period were given. 
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Ghosh, O'Conner and Engelbrecht (34) reported an oversaturation 
of 20-30 times of Fe^^ and CO^^ in all eight Illinois waters they 
studied. However, Winkelhaus, Di Giano and Weber (103), after applying 
activity and temperature corrections, found the oversaturation to be 
only 5.7-8.5 times. Using Singer and Stumm's (84) most recent value 
for the solubility product, the oversaturation is reduced further to 2.1-
3.2 times. This level could be due to colloidal iron being measured as 
soluble iron, the kinetics of the reaction and the effects of impurities. 
There is one researcher who has claimed to have found a plant that 
was removing iron as FeCO^ (36). The treatment added no air and was 
closed to the atmosphere. Lime was added to give a pH a little over 8. 
The sludge was white or light green and turned red on exposure to air. 
He concluded that FeCO^ was the precipitate although no analysis was 
done. It is more likely that the precipitate was Fe(0H)2 and/or 
"green rust" which will be described in later sections. 
The crystal structure of FeCO^ is rhombohedral; a parallele­
piped with alternating Fe^^ and at the corners (104). It should 
be mentioned here that an amorphous FeCO^-HgO compound is referenced 
in the Handbook of Chemistry and Physics (15) but no other information 
has been found on it. 
FeC02-Fe(OH)2 
The existence of FeC02-Fe(OH)2 has been hypothesized (34) but no 
real evidence exists for it, and it is not listed in ASTM's x-ray 
diffraction index (5). 
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Iron Oxides, Oxyhydroxides and Hydroxides 
Iron compounds are of interest to soil scientists, mineralogists, 
colloidal chemists and even electrical engineers (25, 48). It is, 
therefore, not surprising that there is a wealth of information on these 
compounds. A description of the various iron oxides, oxyhydroxides and 
hydroxides can be found in several books (23, 54, 100) and a list of 
them follows: 
FeO (wiistite) 
Fe^O^ (magnetite) 
a-Fe^O^ (hematite) 
y-FegOg (maghemite) 
a-FeOOH (goethite) 
3-FeOOH (akageneite) 
y-FeOOH (lepidocrocite) 
6-FeOOH 
Fe(0H)2 (ferrous hydroxide) 
Ferric oxide gels or hydrous ferric oxide gels or ferrihydrite (the 
term "gel" may not be correct for these precipitates if we use the 
nomenclature of colloidal chemistry.) 
Green Rusts I and II. 
The first surprise is that Fe(OH)g did not make the list. What is 
usually called Fe(OH)^ may actually be ferrihydrite or hydrous ferric 
oxide gels; more will be said later about this. The following sections 
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will discuss the minerals from the above list which seem more relevant 
to water treatment. 
y-FeOOH; lepidocrocite 
Taylor and Schwertman (93) were interested in iron precipitates as 
soil scientists. In evaluating factors affecting iron precipitation, 
they tested the effects of pH, temperature, initial Fe(III):Fe(II) ratio, 
total iron concentration, rate of air flow and rate of oxygen transfer 
(coarse bubbles versus fine bubbles). They began with distilled, 
deoxygenated water in which they controlled the pH. Three different 
precipitates were found: y-FeOOH which is an orangish or yellowish 
brown precipitate, y-Fe^O^ which is a dark brown precipitate and 
ferrihydrite. (Ferrihydrite will be described later.) There seemed 
to be certain tradeoffs among the variables: 
1. A fast oxidation rate favored formation of y-FeOOH, whereas a 
slow rate encouraged formation of y-Fe^O^. 
2. High Fe(III):Fe(II) ratios favored formation of ferrihydrite 
whereas just a little Fe(III) (about 10%) yielded y-FegO^, 
and 100% Fe(II) produced pure y-FeOOH. 
3. Higher temperatures abetted y-FegO^. 
4. Higher pH's (actual experiments at a pH of 6 and ?) favored 
formation of y-FegO^. 
Taylor and Schwertman also referred to a substance called green rust as 
being the precursor of y-Fe^O^. The green rust which comes from Fe(II) 
might react with the ferrihydrite to form y-Fe^O^. Thus, if the Fe(II) 
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concentration is too low, only ferrihydrite can form. 
Other work by Schwertman and Taylor (80, 81) showed that y-FeOOH 
(lepidocrocite) will eventually convert to a-FeOOH (goethite) but only 
over a period of 10-500 hours. They concluded that this conversion was 
by the redissolution of y-FeOOH and then precipitation onto Oi-FeOOH 
nuclei. Furthermore, silica interferes with this conversion which, 
according to the authors, could be due to silica inhibiting goethite 
nucleation. This last conclusion is based on the observations that 
seeding with goethite crystals greatly increases the conversion rate 
and that in nonseeded solutions the goethite crystals were much larger 
when silica is present than when it is not. 
A key article is that by Schwertman and Thalman (82) which reported 
the results of research on the effects of Fe(II), silica and pH on the 
precipitation of y-FeOOH and ferrihydrite. The results were: 
1. Increasing the pH gave a faster oxidation rate and an increased 
surface area and X-ray line broadening which probably meant 
either smaller crystals or preferential growth and was probably 
due to the faster oxidation rate. 
2. As the silica to iron ratio increased, less y-FeOOH and more 
ferrihydrite formed until no y-FeOOH could be detected. For 
their lowest iron concentration (700 mg/1) this ratio was 6.50 
_2 
X 10 Si:1.0 Fe at pH 7. The percentage of silica in the 
precipitate seemed to increase linearly with initial silica 
concentration in the solution and reached 3.61% for a silica 
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concentration of 120 mg/1 as SiOg and an iron concentration 
at 700 mg/1 as Fe. As the iron increased the percentage of 
silica in the precipitate seemed to drop proportionately. 
This last result has important consequences in water treatment 
since almost all well waters in the Midwest exceed the Si:Fe ratio given 
by many times. The inhibition of 7-FeOOH by silica is worse at higher 
pH's, at least in the pH range of 5.0 to 7.0. The ferrihydrite formed 
when silica is present retains about 1% of the total silica in the 
precipitate. This ferrihydrite is also less soluble in oxalate than 
other ferrihydrites formed from ferric salts. A possible reason for 
this would be that the silica is adsorbed on the surface of the 
ferrihydrite and thus prevents the reaction. The authors noted that 
scale build-up in the pipes may be eased by adding silica because 
amorphous iron may be washed away due to their flocculent nature. 
Takai (91) found that y-FeOOH was an effective catalytic agent for 
the oxidation of iron, but that a-FeOOH (goethite) had no effect. He 
packed a column with pelletized y-FeOOH and found that all 11 mg/1 of 
2+ 
influent Fe was removed, whereas, a similar column with a-FeOOH removed 
very little. It was not clear whether the iron was chemically bound or 
loosely adsorbed to the pellets. 
Takai also found that silica interrupted the crystallinity of 
y-FeOOH but did not seem to interfere with its catalytic property. The 
infrared spectra showed a broad silica peak which masked any y-FeOOH 
character. The infrared pattern for a-FeOOH formed in the presence of 
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silica showed no change. 
Lepidocrocite that is crystallized from aqueous solutions can 
assume several morphologies; rafts, needles, or flexible plates. The 
latter can be rolled up or crumpled up (33, 55, 57). The crystal 
structure of lepidocrocite helps explain why it tends to form plates 
since the structure is actually layered as shown in Figure 5 (29). The 
infrared adsorption pattern for lepidocrocite is shown in Figure 6. The 
-1 
adsorption peaks correspond to 0-H stretch at 2857 cm , 0-H bending at 
1013 cm and Fe-0 stretch at 738 cm ^ (102). 
Ferrihydrite 
Weiser (100) (note that the copyright of the book is 1935) gave 
a concise attack on the existence of Fe(OH)^. The brown flocculant 
precipitate, which has been called Fe(OH)^ (ferric hydroxide), has no 
definite hydrates, and any ratio of iron to hydroxide "depends entirely 
on the method of treatment and all the various formulas corresponding 
to definite hydrates are the accidental results of the methods of drying 
used by the several investigators". Figure 7 shows the qualitative 
dependence of the molecular formula on the drying temperature and water 
vapor pressure. 
The precipitate in question gives an amorphous X-ray pattern which 
would be due to a lack of crystallinity, very small crystallite sizes, 
or strains in the crystal (22). Recent investigators have used the term 
"ferrihydrite" for this precipitate after its suggestion by Chukhrov, 
Zvyagin, Ermilova and Gorshkov (17). There is speculation as to the 
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Fig, 7. Qualitative dependence of ferrihydrite formula on temperature 
and water vapor pressure (100) 
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structure of ferrihydrite. It is known that it will transform to 
other crystalline minerals such as a-FegO^ or a-FeOOH upon aging in 
solution for days or weeks (57), that the end product is affected by 
the anions present (6, 30, 41, 49, 63, 64, 78, 90), and that this trans­
formation is sometimes encouraged by the presence of seed crystals 
(6, 30). 
In a 1940 article, Weiser and Milligan (101) thought that ferri­
hydrite consisted at least partially of very fine particles of a-Fe^O^ 
which hold large amounts of water by adsorptive or capillary forces. 
This conclusion was based on the detection of hematite by electron 
diffraction patterns from a 70,000 volt accelerating potential. 
Although the ferrihydrite was X-ray amorphous, the electron beam seemed 
to be able to look at small selective areas which were crystalline. 
However, Kammlot and Sinclair (48) found that hematite can be formed 
from ferrihydrite due to the electron beam itself. 
Murphy, Posner and Quirk (63, 64) studied the particle morphology 
of ferrihydrite in partially neutralized ferric solutions with an ultra-
centrifuge and transmission electron microscope. They concluded that 
O 
after 3-4 hours, the particles were spheres 15 to 30 A in diameter and 
that with aging the particles grew in size and formed rafts or rods of 
goethite and lepidocrocite. Also from microscope work, Kauffman and 
Hazel (49) reported their particles to be 25-30 A in diameter. Fisher 
O O 
and Schwertman (30) 50-100 A, Sylva (90) 70 A, and van der Giessen (95) 
O 
30 A. Bargeman, van Emmerik and Smolders found a surface area of 280-
2 ° 
320 m /gm with an equivalent sphere radius of about 50 A (8). 
43 
Like Weiser and Milligan, van der Giessen (95) was able to obtain 
diffraction patterns from ferrihydrite by exposing it to Molybdenum 
0 
K radiation for 12 hours. He found the particles to be about 30 A 
a 
in diameter and agglomerated into a spongy mass as seen in a trans­
mission electron microscope. Van der Giessen also calculated that a 
monolayer of water on such small particles would give a moisture content 
of about 10% and reduce the density by about 30%. 
Kauffman and Hazel (49) studied aged amorphous ferric oxide 
precipitates with Mossbauer spectroscopy. They concluded that all the 
iron in a fresh precipitate is octahedrally coordinated but variable in 
the number and arrangement of oxygens and hydroxyls about each iron 
atom. They also determined that their aged precipitates transform to 
poorly crystallized a-Fe^O^ (hematite) and/or a-FeOOH (goethite). 
Chukhrov, Zvyagin, Ermilova and Gorshkov (17) related the work of 
other researchers on the structure of ferrihydrite. They thought it 
St­
raight be a pseudohexagonal structure with Fe" atoms in octahedral 
positions of a hexagonal close packing with the corners of the octahedron 
occupied by oxygen atoms and water molecules, which is very similar to 
the structure of y-FeOOH as shown in Figure 5. They realized that this 
was only a theory and felt that there were probably structural 
peculiarities due to the amorphousness and the formula variability of 
ferrihydrite. In fact they distinguished between ferrihydrite and 
protoferrihydrite based on X-rays. Protoferrihydrite is produced by 
rapid precipitation from ferric salt solutions and will transform into 
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ferrihydrite, which shows more of an X-ray pattern than protoferri-
hydrite, upon aging. 
Differential thermal analysis (DTA) gives some interesting knowl­
edge about ferrihydrites (49, 54). Typical DTA curves for several 
iron compounds are shown in Figure 8 (54, 57). Fresh ferrihydrite 
from ferric salt solutions show a large endothermic peak corresponding 
to the depletion of sorbed water, followed by a strong sharp exothermic 
peak which is probably due to the release of bound water and collapse 
of the dehydrated structure, which has a high surface area, into a 
a-Fe^O^ with some traces of a-FeOOH (54, 57). Hematite is observable 
with X-rays only after passing this exothermic peak which exhibits 
"glowing" or coalescence. The pH and type of anion can affect the 
exact curve shape, and some ferrihydrites do not even show the strong 
exothermic peak (17). 
Several theories have been proposed to describe what is occurring 
in the hydrolysis of Fe(III) solutions. Dousma and de Bruyn (26) felt 
the hydrolysis occurred in four steps: (1) hydrolysis to monomers and 
dimers; (2) reversible rapid growth to small polymers; (3) formation 
of slowly reacting large polymers; and (4) precipitation of a solid 
phase. The authors attempted to verify these steps experimentally; 
however, this writer is not totally convinced that there are not other 
explanations for their data besides their hypothesis. 
Hsu and Ragone (41) describe a precipitation theory where monomers 
condense onto polymeric nuclei and hydroxyl-linkages convert to 
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Fig. 8. Typical DTA curves for several iron compounds (54) 
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oxygen-linkages upon aging with resultant dehyration. Hsu and Ragone 
3+ 
are also a good source of data and ideas. They report that if Fe 
salts are added to water, crystalline yellow FeOOH precipitates can 
3+ 
sometimes be formed whereas if base is added to Fe solutions, brown 
ferrihydrite is always formed. Furthermore, there is some variability 
in most of the solubility and equilibrium constants (solubility product 
varies from 10 to 10 and the isoelectric point (which falls 
into pH range from 6.0 to 8.5 with the charge being positive below 
this range and negative above) of ferrihydrite. 
Sylva (90) produced an extensive literature review of iron hydrol­
ysis. He indicated evidence that equilibrium among monomers is 
approached rapidly, whereas equilibrium among polymers is attained more 
slowly. The polymer sizes may be fairly constant for an OH;Fe ratio 
of 0.5-2.0 but increase considerably above 2.5. The size of the polymers 
and degree of hydrolysis may be influenced by anions present and Sylva 
speculated the effect of chelating agents may be to limit the polymer 
size. Sylva also reported that one researcher found his ferrihydrite 
formed from FeCNO)^ to have the formula [Fe^O^(OH)^(NO)2)2] °1'5H20 
proposed that it was a flat ribbon 100 times as long as it was wide 
but gathered up into a sphere via "bridging and cross-linkages". This 
has a formula fairly close to FeOOH. Each internal iron was supposedly 
tetrahedrally coordinated with two oxygen atoms and two hydroxy1 groups 
and each external iron substitutes an HgO for oxygen. 
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The color of ferrihydrlte is mentioned in several places (50, 
58, 60, 61, 71, 72, 73, 78, 100). Weiser (100) refers to a reddish-
brown precipitate which was separated into two precipitates by 
centrifugation; a dark brown or red one and a yellowish brown one. 
Knight and Sylva (50) and Murphy, Posner and Quirk (61) believe the 
red-brown one to be high molecular weight polynuclear species and the 
yellowish one to be low molecular weight species (yellow color due to 
FeOH^^ and Fe2(0H)2^^ according to Knight and Sylva). Murphy, Posner 
and Quirk based their conclusion on experiments wherein they separated 
the two colored phases by passage through a gel chromatography column 
and also compared the results with a chemical method which should be 
able to differentiate between high and low molecular weight fractions. 
The color of iron precipitates can be very confusing. It can 
easily be shown by simple lab experiments that precipitates prepared 
from a ferrous salt are more of a yellow color than those from a ferric 
salt which are more of a brown or red color. This is true only if the 
ferrous salt is not oxidized with a strong oxidant such as chlorine. 
Prasad and Ramasastry (71) noted color differences which seemed to 
depend on whether the base added was in stoichiometric excess; Prasad 
and Suryanarayana (73) noted color differences based on temperature and 
aging; and Prasad and Ramasastry (72) saw color differences apparently 
due to whether NagCO^ was greater or less than the stoichiometric 
2+ 
equivalency of Fe . Scheiner (78) was able to prepare dispersions of 
iron compounds which varied in particle size, shape, and composition. 
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He observed that the color of the sols depended heavily on the particle 
size and shape. Rod shaped particles were yellow with the shade 
dependent upon the degree of acicularity, whereas large cubic 
particles were nearly black and smaller cubic particles were purple. 
All ochers were various shades of red. All compositions were either 
y-FegOg, Y-FeOOH or g-FeOOH. 
It must also be mentioned that several authors have shown that 
ferrihydrite adsorbs divalent cations, silicic acid and boric acid 
(38, 51, 56). 
FeCOH)^ 
Bernai, Dasgupta and Mackay (11) state that Fe(0H)2 can form at 
high pH's and is a white, crystalline precipitate, sometimes with some 
blue, gray or green. It is extremely sensitive to oxygen, although it 
will retain its structure until about 10-20% of the iron is ferric, 
while lesser amounts of Fe(III) will change the color to brown. Upon 
complete oxidation, a- or ô-FeOOH is formed. 
Green rusts 
If there is not enough hydroxide to precipitate Fe(0H)2 in an oxygen 
free ferrous solution, and if air is then bubbled through it, blue-
green compounds are seen. These "green rusts" have been known for 
some time (11, 58, 81, 82) although Bernai, Dasgupta and Mackay (11) 
give the most information. Green rusts do give X-ray patterns, albeit 
poor, and have been separated into two compounds via X-ray crystallo­
graphy by Bernai, Dasgupta and Mackay and have been given the clever 
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names green rust I and green rust II. Green rust I supposedly has a 
blue-green color and an ABCBCACAB layer structure, whereas green rust 
II has a dulled dark green color and an ABAC layer structure. y-FeOOH 
appears to be formed from green rust I via green rust II although 
Schwertman and Taylor (81) thought that the green rusts reacted with 
ferrihydrate to give "y-FeOOH. Green rust I was analyzed to have a 
O I o I o I 
composition between Fe„ ,Fe„ _(0.0H,C1)- and Fe, ^cFe^ 2^(0.OH,CI)^ as j * O U # 7 y x* "J J c, * 'J 
formed in chloride solutions (11). Schwertman and Thalman (82) give 
the reaction to form green rusts as: 
2+ o I OO T?/-> 
Fe > ferrihydrite > green rust (13) 
On the whole, green rusts seem to be rather ill-defined. 
Other Studies 
Fordham (31) studied the effect of kaolinite on the precipitation 
or iron. The kaolinite was less than 2 micrometers in size and had 
been washed to remove some of the impurities. He prepared the solutions 
by dilution of samples of known pH and iron content since controlling 
the pH by NaOH tended to give erratic results possibly due to localized 
high OH concentrations from the NaOH drops. He still had problems 
with erratic results due to the solutions remaining supersaturated until 
he did a preliminary precipitation of iron onto the kaolinite. Fordham 
50 
concluded that neither the type of precipitate nor its solubility was 
affected by the iron coated kaolinite although the kaolinite significantly 
increased the rate of precipitation. This could be expected since he 
had, in effect, seeded the solution. 
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ALUMINA HYDRATES 
Aluminum and iron have a lot in common in terms of their 
reaction with water. It is, therefore, appropriate to discuss some 
of the literature on aluminum hydrates. 
Saunders and Packter (77) looked at the effects of rate and 
temperature of mixing on the surface area of alumina hydrate precipi­
tates. Two series of hydrolysis reactions were run at several different 
temperatures; one series used "slow" mixing while the other used "fast" 
mixing. The reactions involved adding a solution of water in 
isopropanol (CH^CHOHCH^) to a solution of aluminum isopropoxide 
(AltCgHyO)^) in isopropanol. For slow mixing this addition was done 
dropwise whereas in fast mixing the two reagents were simply added 
together and shook. The results are depicted in Figure 9. 
A higher surface area is obtained with fast mixing possibly because 
the solution is more oversaturated and hence has a higher rate of 
nucleation which causes more particles and a higher surface area per 
unit weight; exactly what crystallization theory predicts. 
Hsu and Bates (40) tried to understand the mechanism of formation 
of aluminum hydroxides and why some are crystalline and some amorphous. 
14-
They theorized that at low OH :A1" ratios, simple polymers form due 
to OH acting as a bridge between positively charged aluminum hydrol­
ysis products. The anions in solution which are at a much higher 
concentration than the OH ions are needed to neutralize the positive 
charge of the simple polymers and allow them to condense. This action 
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mixing (77) 
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\ 
results in amorphous compounds with anions included in the structure. 
3+ 
When the OH :A1 ratio is 3 or greater, the polymers have no net 
positive charge and condense without the aid of anions into a 
crystalline precipitate. 
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THE OXIDATION RATE OF Fe^"^ -> Fe^"*" 
As mentioned before, the traditional theory of iron removal 
2+ 3+ 
postulated that Fe was oxidized to Fe . The kinetics of this 
reaction has been studied by several authors (34, 42, 79, 87). In the 
pH range of natural w,iters and for iron concentrations less than 10 mg/1, 
the general consensus seems to be that the basic kinetic equation for 
the reaction: 
Fe^"^ + 1/4 0 + 20H + l/ZHgO FeOOH-HgO (14) 
IS 
= -k [Fe2+][0H-]2 pg (15) 
or, at constant OH and p_ 
_ 2+, 2 
ire. J _ 2 
-In ^ = k [OH ] p„ t (16) 
[Fe ^ ] ^2 
where : 
t = time, 
2+ 2+ [Fe^ ] = Fe concentration at time, t; 
2+ 2+ [Fe^ ] = initial Fe concentration, 
P_ = the partial pressure of oxygen, and 
^2 
k = the rate constant and is given as 8.0 (+2.5) x 10 
liter^'mole ^-min ^'atm ^  at 20°C by Stumra and 
(88) with an activation energy of 23 kcal/mole. 
13 
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Stumm and Morgan depict this reaction at lower pH's where the 
kinetic equation loses its dependence on OH concentration, and some 
researchers espouse a buffer capacity term (42). 
Tamura, Goto and Nagayama (92) expand Equation 15 to higher iron 
concentrations where there is an autocatalytic action by the colloidal 
precipitate on the oxidation rate. This effect becomes significant at 
iron concentrations greater than 5-10 mg/1 and seems to be due to the 
2+ 
adsorption and oxidation of Fe on the surface of the colloids. The 
authors determined the following expression to satisfactorily account 
for this: 
jf-n 2+1 K[Fe ] 
- dt = (kjOH ] + kg ^ ^2t_) [o^llOH ][Fe^"^] (17) 
' w 
where : 
k = 2.3 X 10^^ liters^-molas ^'sec ^ at 25°C, 
o 
-1 -1 
k  = 7 3  l i t e r s ' m o l e s  " s e c  a t  2 5  C ,  
s,o 
-10 -1 
K = 2.5 X 10 liters-moles /mg of precipitate as Fe at 
25°C, and 
K = equilibrium product for water. 
w 
[Fe^p^] = concentration of iron precipitate at time, t, 
The equation worked well for the pH range 6-7 but was not accurate for 
pH's over 9, perhaps because the area/gram of the precipitate was 
changing due to a higher oxidation rate. 
It is worthwhile to look at the effect of pH on the oxidation of 
56 
Fe 
2+ 
From Equation 16, the following equation can be derived; 
log(t^) = log (In I/o) - log(k) - log (pQ ) + 2pK.^-2pH (18) 
where : 
a 
IPS. 1 
2%^- = concentration ratio. 
+2 [Fe^ ] = iron concentration after time, t, 
+2 [Fe^ ] = iron concentration initially, and 
t^ = the time necessary to reach the concentration ratio, a. 
At 20°C and a p„ of 75% of atmospheric, Equation 18 reduces to: 
log(t^) = log (In l/oi) + 15.234 - 2 pH (19) 
2+ 
Table 3 gives the times for 1/2 and 9/10 of the Fe to react for a 
given pH: 
Table 3. t vs. pH 
a 
pH 
1/2 
min. 
^9/10 
mm. 
pH 
^1/2 
min. 
'9/10 
mm. 
6.00 
6.25 
6.50 
6.75 
7.00 
1188 
375.7 
118.8 
37.6 
11.9 
3946 
1248 
394.8 
124.8 
39.5 
7.25 
7.50 
7.75 
8.00 
j./o 
1.19 
0.38 
0.12 
1/.40 
3.95 
1.25 
0.40 
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The reaction is obviously very dependent on pH. A rise of 0.1 in the 
pH decreases the reaction time by a factor of 1.58. The actual numbers 
in such a table will depend on the conditions in the water of concern. 
The usefulness of aeration is very apparent since waters with a moderate 
to high carbonate alkalinity will most likely lose CO^ upon aeration and, 
thus, the pH will increase and favor the reaction. This is one dis­
advantage that pressure aerators have in comparison to tray or draft 
aerators, since the pressure aerator may not transfer as much COg. 
2+ 
Another factor affecting the rate of Fe oxidation is the consumption 
2+ 
of oxygen itself; however, 10 mg/1 of Fe only requires 1.5 mg/1 of 0^ 
as compared to an oxygen saturation point of about 9 mg/1. 
Another important effect of alkalinity is its buffering ability. 
The precipitation of ferrihydrite will deplete OH radicals and decrease 
the pH. For example, 10 mg/1 of iron precipitating as FeOOH*H20 will 
take 3.6 x 10 ^  moles/liter of OH with it. The pH would have to be 
-14 
10.6 before the reaction could go to completion if = 10 is 
assumed. Most reactions at neutral pH's would not go unless a buffer 
were present. This helps explain a linear relationship between 
alkalinity and the half-life for precipitation as reported by Ghosh, 
O'Connor and Engelbrecht (34); the alkalinity is a buffer which resists 
a pH drop and hence would aide the reaction. The effect of several 
other catalysts on the iron reaction will be discussed in a later 
section. 
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We can now see one of the dilemmas in getting FeCO^ as a 
precipitate. If FeCO^ is the desired precipitate, then it becomes 
clear that the way to produce FeCO^ is to get rid of the dissolved CO^ 
_2  
which then raises the pH and increases the CO^ concentration. The 
usual method of doing this is aeration; however, along with the increased 
pH, this introduces oxygen which favors the production of a ferric 
precipitate. 
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SOME INTERFERENCES 
There are several interferences with the iron system which have 
been discussed in the literature; organics, phosphates, silica, and 
copper. 
Organics 
Oldham and Gloyna (65) studied the effect of organics (primarily 
humic acids from well-composted leaves) and concluded that such organics 
2_|_ 3^ " 3"^ " 2^ " 
can complex Fe and Fe and can reduce Fe to Fe . The complexation 
2+ 
of Fe increases with pH and shows a roughly stoichiometric relation-
3+ 
ship with the humic acids. The amount of Fe which was reduced seemed 
3+ independent of the Fe concentration but was roughly proportional to 
the concentration of organics. Oldham and Gloyna's article also discusses 
the theory that some organics may be able to peptize iron colloids to 
keep them in solution, and hence, cause the characteristic yellow 
color of some river waters. However, they contend their findings do 
not support that view. 
Jobin and Ghosh (47) studied the effect of humic acid on the 
2+ 
oxygenation rate of Fe . Their results tend to show that the oxidation 
procédés by two pathways; one via the uncomplexed iron and a slower one 
via the complexed iron. Some researchers have also claimed that some 
2+ 
organics will catalyze the Fe oxiation rather than repress it as in 
2+ 
the case of humic acids, and that Fe can even act as a catalyst for 
the oxidation of some organics in the presence of oxygen (88). 
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There is certainly much more literature about organics and iron; 
however, this research is interested more in ground water supplies in 
the midwest where we do not expect a lot of humic acids in our wells. 
Polyphosphates are sometimes sold as a wonder chemical which will 
solve all the problems associated with dissolved iron and manganese. 
However, the chemistry of this iron-phosphate interaction is poorly 
understood. Illig (43) believed that sodium hexametaphosphate did not 
stop the oxidation of iron or manganese but rather formed a colorless, 
well dispersed, colloidal suspension, although he presented no data 
or references to support this view. 
It is known that phosphate and polyphosphates adsorb on clays, 
CaCOg crystals and freshly prepared iron and aluminum precipitates, and 
it is believed by some that this is the result of a chemical bond between 
phosphate groups and metal ions (88). van Olphen pictured the adsorption 
3+ 
of polyphosphates with some clays as being chemisorption with A1 ions 
on the plate edges (97). 
Iron (III) and phosphates also form complexes in solution such as 
Phosphate 
3+ 
Fe + HPO 
4 
^ = FeHPo/; K = 2.0 x 10^ 
4 eq 
(20) 
Fe^^ + ZHP^O^^" = FeCHPgOyig^"; = 1.0 x 10^^ (21) 
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The equilibrium constants at 25°C for phosphoric acid are: 
H-PO, = H-PO " + h"^; K = 6.3 x lO"^ (22) 
3 4 2 4 eq 
H„PO," = HPo/' + H"^; K = 1.0 X lO"^ (23) 
2 4 4 eq 
HPo/' = PO,^ + H"^; K = 1.0 X 10"^^ (24) 
4 4 eq 
Cher and Davidson (16) researched the oxygenation of ferrous iron 
in phosphoric acid solutions at a pH from 1.1 to 1.7 where the species 
are H^PO^ and H^PO^ , and found the following equation; 
^ = kp [Fe^"*"] Pq^ [HgPO^'l]^ (25) 
where : 
kp = 4.5 (+ 0.3) atm "•laole ^'hr " at 30°C with an activation 
energy of 20(+ 2) kcal. 
At a pH of 7, and a H^PO^ concentration of 10 mg/1, very little of the 
reaction would go via the phosphate mechanism (assuming the equation 
holds in that pH range): 
dlFe^*] , , , . , ,2 Sr- (phosphate) po -1] 
 ^ =-A = 1.6 X 10 (26) 
illsJ (hydroxyl) 
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Since Equation 25 is very similar to 15, it seems plausible that the 
mechanisms would be similar. The effect of phosphate on the reaction 
rate at near neutral pH's may be much different than Cher and Davidson's 
results at low pH's. 
Silica 
Silica is found in almost all natural waters in concentrations of 
0-120 mg/1 as SiOg. This silica arises from the breakdown of minerals 
such as the following (79): 
Na2CaAl^Sig02^ (Andesine) + ACOg 4H^SiO^ + 2H^Al2Si20^ 
(Kaolinite) + Ca^* + 2Na^ + AHCO^" (27) 
Robinson (74) noted that if silica is in high concentrations it can 
affect the carbonate alkalinity determination (4) and, thus, make it 
appear that there is enough carbon dioxide present in the water to 
raise the pH on aeration and permit the iron oxidation to proceed. 
The chemistry of silica in water is not completely understood; 
however, it is fairly certain that monomeric H^SiO^ and H^SiO^ are the 
predominant forms when solutions of Na^SiO^ or Na^SiO^ are passed 
through a hydrogen exchange column (2, 42). (This was found by 
use of freezing point depression.) As the silica concentration approaches 
its solubility in water (about 120 mg/1 as Si02 at pH < 9), it polymerizes 
and eventually will form amorphous sols of spherical particles between 
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20 and 1000 A in diameter and has a multitude of industrial uses (2). 
Polymers formed at low pH's tend to be linear or open branched while 
those formed at high pH's tend to be ball-like (2, 42). 
Various polymerization products for silica have been determined 
(14), albeit, with difficulty and with questionable accuracy. A 
common method for determining values for polymerization of chemical 
species involves an initial assumption of the species present and 
collecting enough data to solve "n" equilibrium equations in "n" un­
knowns where the unknowns are the polymerization products. 
That silica interacts with iron is certain (66, 99). In fact, 
there are at least two ferrous silicates; Fe^SiO^ - fayalite and 
FeSiOg - gruenerite. It is doubtful, though, that these would form in 
natural waters where the predominant silica forms are H^SiO^ and H^SiO^ 
Olson and O'Melia studied the reaction: 
+ Si (OH), = FeOSi(OH)^^''' + h"*" (28) 
and determined an equilibrium product of 0.25 at 25°C and pH's from 
0.5-3.0. One serious criticism is that the stock silica solution was 
prepared at concentrations well above the solubility of silica. They 
rejected any experiments where precipitates formed, but, unfortunately, 
silica sols can be quite colorless (2). The experiment was also 
performed assuming that only the species in Equation 28 are present. 
No work was found on a ferrous iron and silica complex. 
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Both monosilicic and boric acids are adsorbed on iron and aluminum 
hydrous oxides (56) and appear to follow the Langmuir equation. Fresh 
precipitates which are prepared from ferric salts adsorb much more than 
aged precipitates, perhaps because more adsorption sites have been 
blocked in aged precipitates due to adsorption of OH of HCO^ or other 
iron particles. Precipitates that were first dried lost much of their 
adsorption capacity probably due to a lack of effective surface area 
since the drying process greatly compacts the precipitate. The 
adsorption capacity of iron precipitates for iron was determined by 
McPhail, Page and Bingham (56) to be about 2.7 mmole of Si per gram of 
precipitate. Kingston, Atkinson, Posner and Quirk (39) showed that 
HgSiO^ was the species adsorbed on goethite and that it was chemically 
adsorbed rather than physically adsorbed. The adsorption reached a 
maximum when the pH equalled the pK value of the disassociation constant 
of H^SiO^. 
Schenk and Weber (79) performed oxidation experiments at iron 
concentrations of about 3 mg/1 as iron, and found that silica catalyzed 
2+ 3+ 
the reaction Fe ^ Fe . The following equation fitted the data; 
2+ 
-dTFe^ ] ^  
dt 
where : 
k = 2.1 + 0.5 X 10^^ liter^.moles ^.atm ^.min -1 . -1 
kg^ = 1.8 + 0.3 X 10^ liter.mole~^.atm ^.min ^ 
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At a PQ of 0.2 atm., a pH of 7, and an H^SiO^ concentration of 24 mg/l, 
the reaction rate would be increased by about 4% over that when silica 
is not present. It must be mentioned that the oxygen dependence of 
the equation was not experimentally proven but was assumed. 
Schenk and Weber also sought a qualitative description of the 
3+ 
effect of silica on the hydrolysis of Fe . They studied this for iron 
concentrations from 0.56-56 mg/l and at a pH less than 4 in order to 
slow the reaction enough to be studied. The results are shown in 
Figure 10. The results could be due to a slower hydrolysis rate as 
suggested by Schenk and Weber, to a smaller particle size allowing a 
smaller fraction to be captured on the filter, the formation of a 
silica-iron complex, or perhaps the iron was never oxidized to begin 
with. Of course, what occurs at a pH less than four may not occur at 
near neutral pH's. 
Schwertman and Thalman (82) found that a Si/Fe ratio greater than 
— 2  6.5 X 10 will prevent the formation of y-FeOOH, as noted earlier. In 
addition the ferrihydrite formed is not as reactive with oxalate which 
has been used as a method to determine the amount of amorphous material 
present in a sample since amorphous iron precipitates tend to be very 
reactive with oxalate (52). Furthermore, most of the silicon in the 
precipitate is not removed by washing (about 85% remains). Schwertman 
and Thalman thought that the inhibition of y-FeOOH formation might be 
2+ 
due to blocking the reaction of Fe and ferrihydrite to form green 
rusts which may be the precursors of y-FeOOH. Silica also interferes 
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Fig. 10. Qualitative effect of H^SiO^ on precipitate capture on a 
0.45 ym filter with an initial Fe(III) concentration of 
10"4 M, a pH of 3.5, and a temperature of 25°C 
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with the transformation of ferrihydrite (formed without silica 
present) into crystalline compounds upon aging (17). 
Cations 
Stumm and Morgan (88) alluded to two more interferences with iron. 
2+ 3+ 
Trace quantities of Cu or Co will apparently significantly increase 
2+ 
the rate of Fe oxidation. Stumm and Lee (87) state that copper 
_7 
concentrations of 3 x 10 M give considerable catalytic effects but 
that increasing the copper concentration gives diminishing returns. 
2-f 24-
Mn and Co can also increase the rate although not as much is known 
about their effects. 
2+ 
Ishikawa and Inouye (46) reported that doping Cu into what would 
have been a- or y-FeOOH precipitates distorted the crystal lattice and 
24-
over a range of Cu/Fe ratios produced amorphous forms. Cu had no 
effect on g-FeOOH. Another study by Inouye (44) on Cu doped Fe(0H)2 
colloids showed that as the copper percentage increased^ an increase 
in amorphousness and a decrease in crystallite size was observed. A 
further increase gave a decrease in amorphousness and an increase in 
crystallite size. A still greater increase in Cu repeated the above 
cycle. 
Anions 
It was noted earlier that anions can affect the final mineral 
identity upon aging suspensions of iron precipitates (page 34). 
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O'Melia and Stumm (69) found that the anion present when 
precipitates were formed from ferric salts affected the filtrability 
of the precipitate. The iron concentration was about 5.5 mg/1 as iron 
and the pH was maintained with carbonate alkalinity. At pH's of 7 and 
2-
9.5 there was little difference between ClO^ and SO^ anions, whereas, 
2-
at a pH of 5, ClO^ anions gave much worse filtrability than SO^ 
They also noted the following aging effects in the presence of ClO^ 
2-
or SO^ anions, at a pH of 9.5, fresh precipitates showed worse 
filtrability, whereas, pH's of 5 and 7 showed no differences. Aged 
precipitates were denser and showed more inertness to acids probably 
due to the adsorption of anions at active sites and coagulation as also 
seen by McPhail, Page and Bingham (56). 
An earlier study by O'Melia and Crapps (68) showed the general 
effects with ferric salt precipitates listed in Table 4. 
Bargeman, van Emmerik and Smolders (8) and lier (42) discuss the 
different morphology floes can assume. Under certain conditions 
(perhaps slow flocculation) (8) or certain zeta potentials (42), 
particles can join in a "string of beads" fashion. Perhaps the anions 
can effect the morphology of the floe particles and hence, their 
filtrability. For example, dense floes would lack a "string of beads" 
structure and could perhaps penetrate deeper into a filter because of 
their smaller net volume. Another effect of anions may be the blockage 
of adsorption sites where attachment to filter media (silica sand) 
could occur. Table 4 would not support this view since distilled water 
generally showed poorer removal. 
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Table 4. Effect of anions on iron filtrability 
Indicator 
At pH = 5.0 
Bed penetration^ HgPO^ < « CI < distilled water 
Head loss H„PO, « SO,^ « distilled water < CI 
2 4 4 
- 2- ~ -
Electrophoretic mobility HgPO^ « SO^ « distilled water = CI 
At pH = 7.0 (values of indicators about the same as at pH = 5.0) 
Bed penetration HPO,^ + H_PO, <« SO,^ < CI < distilled 
4 2 4 4 water 
Head loss HPo/~ + H„PO,~ « So/~ « distilled water 
4 2 4 4 « ci-
Electrophoretic mobility HPO^^ + HgPO^ « SO^^ = distilled water 
At pH = 9.5 (values of indicators greater than at pH = 5.0) 
Bed penetration HPO^^ < distilled water < CI < SO^^ 
Head loss HPO^ = distilled water « CI < SO^ 
2- 2-
Electrophoretic mobility HPO^ < distilled water < SO^ < CI 
cL Z'" 
For example, precipitates formed in the presence of SO^ will 
penetrate deeper into the bed than those formed in the presence of 
Hj,PO^~, etc. 
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DISCUSSION OF LITERATURE 
The precipitation of iron from water is terribly complex; the 
preceding literature review attests to this. Although one hundred 
references are cited, they represent only a small part of the total 
literature on iron in water. Unfortunately, most of it seems to have 
been completely unknown to civil-sanitary engineers. 
The complexity of aqueous iron is magnified by large differences 
among reported solubility and hydrolysis constants. The hydrolysis 
constants are determined using an indirect approach (85) whereby small 
errors in the experiment can make large errors in the values of the 
constants. Variations in the solubility products are also not sur­
prising since their determination seems to be very dependent on the 
test conditions. 
Although the literature is extensive, much of the work has concen­
trated on characterizing the gels formed from ferric salts by adding a 
base. The crystal structure of these precipitates seems to have eluded 
the researchers and a further pursuit by this author appears very 
unpromising. A few researchers have used ferrous salts to form pre­
cipitates via oxidation processes; however, they used relatively high 
iron concentrations and pure systems. The low iron content and the 
impurities present in natural well waters may give completely different 
results. 
Nevertheless, it is possible at this point to make an educated 
guess on the mineral identity of the iron precipitate formed in water 
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treatment plants. The formation of FeCO^ should be considered 
skeptically despite the past claims which, incidentally, were not based 
on mineralogical analysis. The literature has shown enough variables 
between oxyhydroxide precipitates to account for differences in 
filtration, flocculation, and sedimentation if they were the precipi­
tate. Solubility products for the oxyhydroxides are several orders of 
magnitude less than the solubility products for FeCO^, and crystalliza­
tion theory would therefore predict a much higher nucleation rate for 
the oxyhydroxides than for FeCO^. The question is, then, whether FeCO^ 
2+ 3+ 
can form faster than Fe oxidation to Fe . Only experimentation can 
answer this question. Finally, it should be pointed out that many of 
the precipitates may be X-ray amorphous and that amorphousness in 
aqueous systems is usually associated with hydrous precipitates (53). 
In waters with low silica concentrations where oxygen is the 
oxidant, yPeOOH may form. Unfortunately, all Iowa waters have silica 
levels which would preclude X-ray distinguishable y-FeOOH according to 
Schwertman and Thalman (82). However, the iron and impurity concentra­
tions in natural waters are substantially different than those used by 
Schwertman and Thalman. The mechanism by which silica affects iron 
is unknown, but the above authors did find that as the ratio of silica 
to iron increased, the precipitate surface area increased and the 
precipitate became less reactive with oxalate. Silica readily absorbs 
3+ 
onto iron precipitates and it is also known that silica and Fe can 
2+ 
complex (66, 99), but no information was found on silica and Fe 
complexes. 
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Although the mechanism by which silica affects y-FeOOH is un­
known, three hypotheses seem plausible. There exist: 1) surface 
phenomena which prevent particle growth, 2) an increased nucleation 
rate, which means smaller particles are formed, or 3) the inclusion 
of silica into the precipitate causing dislocations. 
2-
When a strong oxidant such as CI2, MnO^ , or CrgO^ is used, 
then the oxidation probably proceeds so fast that it is equivalent 
to adding a ferric salt. The precipitates from ferric salts are 
X-ray and electron amorphous and, as just explained, have an unknown 
structure. 
Before ending this discussion of the mineral identity, one last 
point will be made. It is unquestionably in our best interest to talk 
in the most precise terms practical. Hence, engineers should 
relinquish the notation FeCOH)^ as the usual iron precipitate formed in 
water treatment plants. It simply doesn't exist. Better terminology 
would be ferrihydrite or amorphous FeOOK^xH^O with the understanding 
that there is an unknovm amount of associated water, anions, and 
cations. 
Quite alot of good work has been done on the kinetics of iron 
precipitation. The equations are summarized below: 
for neutral pH's and iron concentrations less than 5 mg/1; 
) = k [Fe2+]•[OH"]^ Pq (15) 
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. for iron concentrations greater than 5-10 ppm and neutral pH's; 
= i\m~] + >[0^] [OH"][Fe^^] (17) 
w 
• in the presence of phosphoric acid and a pH from 1.1 to 1.7; 
= kpLH^PO^"]^ p [Fe^+] (25) 
. and in the presence of silica and at neutral pH's; 
24* 
1= (k[OH"]^ + k [H SiO.]-/2 [OH"]^''^) p„ [Fe^+j (29) 
dt Si 4 4 Og 
The effect of carbonate alkalinity is to increase the pH upon aeration 
and to resist a pH drop upon oxidation, both of which greatly aid the 
pH dependent reaction. 
It is fun to play with possible reaction mechanisms for the kinetic 
equations. The choice of the mechanism is governed by several rules 
(28):  
1. The product of terms in the rate equation gives the stoichiom-
etry and charge but not the structure of the transition state. 
2. The addition of terms in the rate equation indicates parallel 
pathways. 
3. If the order of reaction of a reactant in the rate law is less 
than that in the stoichiometric equation (4 Fe^"^ + Og + 80H t 
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4 FeOOH + for Equation 15), then several rapid steps 
follow the rate limiting step. 
Using these rules, the following mechanism is hypothesized for Equation 
15: 
Pre-equilibrium 1. FeCOH)^ = k^^[Fe^^][OH 
Slow 2. Fe(OH)^ + 0^ FeOOH + HOg 
Fast 3. FeCOH)^ + HO^ FeOOH + H2O2 
Fast 4. Fe(0H)2 + HgOg FeOOH + H^O + OH 
Fast 5. Fe(0H)2 + OH -> FeOOH + H^O 
It should not be too surprising that Fe(0H)2 seems to be the species 
oxidized since it is well-known that crystalline FeCOH)^ oxidizes rapidly 
when exposed to air. 
Similarly, the mechanism for the second pathway in Equation 17 is 
deduced to be: 
. Pre-equilibrium 1. [FeOH"^] = [Fe^'^][OH~] 
. Pre-equilibrium 2. [ppt'FeOH'] = [pptj[FeOH"] 
Slow 3. ppt'FeOH^ + Og ^ ppfFeOOH^ + 0 
Fast 4. ppt'FeOH^ + 0 ->• ppt•FeOOH"'' 
Fast 5. ppt-FeOOH"*" + OH ^ ppt'FeOOH + OH 
Fast 6. ppt'FeOH^ + OH ppt'FeOOH + H^ 
Here, FeOH^ is adsorbed to the iron precipitate surface and then oxidized, 
a typical surface catalysis reaction. The adsorption is first order, 
probably because it occurs in the linear portion of the Langmuir 
equation. Here, adsorption may not mean just a physical attachment of 
FeOH^ to the surface, but can also include the increased concentration 
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of positive FeOH^ ions around the negatively charged precipitate. 
The data relating to the oxidation of iron in phosphoric acid is 
for such low pH's that it cannot be fairly applied in the neutral pH 
range. 
The mechanisms involved in the oxidation of iron in the presence 
of silica is not clearcut. The transition complex FeOg [SiCOH)^] ^ 1/2 
does not make immediate sense. It must be restated that the first order 
oxygen dependence in Equation 29 was merely assumed by Schenk and 
Weber (79). This rate equation will be returned to later. 
Perhaps the most important properties of the iron precipitate are 
its adsorptive properties. The plate structure of y-FeOOH suggests 
that il might assume a negative surface charge due to isomorphcus 
substitution of Fe^"*" for Fe^^ (ionic radii of 0.74A and 0.64A 
respectively), and under certain conditions, assume positive edge 
charges. Moreover, the surface of the y-FeOOH plates are covered with 
OH*s so that OH and H would be potential determining ions. A nega­
tive surface charge would account for the reported adsorption of 
divalent cations (51) as per electric double layer theory (93). The 
adsorption of silica is not as understandable since the silica ions 
should be either neutral or negatively charged. The silica might 
adsorb to positive edge charges (if they exist) like phosphates do with 
some clays (97) or it may be chemically sorbed to the precipitate. 
Another possibility is that silica complexes with iron to give FeH^SiO^"' 
which is then adsorbed. However, this is refuted somewhat by McPhail, 
Page, and Bingham who found silica adsorption after the precipitate 
had been centrifuged and resuspended and, consequently, there should 
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be no aqueous iron to complex with the silica. If silica is chemically 
adsorbed to the iron precipitate, it could affect the growth of the 
precipitate by blocking growth sites or by causing crystal dislocations. 
The important points of the preceding discussion are summarized; 
1. The oxidation of ferrous iron with strong oxidants probably 
yields precipitates which are very similar to those formed 
from ferric salts which are characterized by large surface 
areas and are amorphous to X-rays and electrons. 
2. The two likely precipitates formed by aerating ferrous iron 
solutions in the absence of silica are y-FeOOH (lepidocrocite) 
and FeCOg (siderite). However, siderite may be precluded by 
2+ 
the kinetics of Fe oxidation and the greater insolubility of 
Y-FeOOH. 
3. Sildca can be a strong influence upon y-FeOOH formation and very 
small amounts can yield precipitates having higher surface areas 
and eventually cause the precipitate to become X-ray amorphous. 
Its effect is probably due to surface adsorption and or the 
inclusion of silica in the crystal. 
4. The mechanisms of iron oxidation can be hypothesized as shown 
earlier. 
5. Ferric hydroxide, FeCOH)^, is not the iron precipitate. 
6. Iron precipitates are good adsorbents for divalent cations and 
silica. 
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RESEARCH OBJECTIVES 
The aspirations of this work are described below in a logical 
fashion as if the experimental work had been planned upon completion 
of the literature review. Actually, the literature search and experi­
mentation were done somewhat concurrently since the laboratory results 
furnished a direction for hunting through the voluminous writings on 
iron and related subjects. For example, it was discovered early by 
experimentation that y-FeOOH could be formed. It was then relatively 
easy to turn up valuable previous work on lepidocrocite rather than 
looking at literature pertaining to every iron mineral. 
This study finally involved attempts to answer these questions: 
1. What is the likely iron precipitate in natural well waters 
and how are its characteristics affected (i.e. zeta potential, 
particle size, and crystallinity)? 
2. What is the effect of the rate of oxidation? 
3. How does silica affect y-FeOOH crystallization? 
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EXPERIMENTAL PHASE A 
The first part of this study sought to form ferrous carbonate or 
siderite (FeCO^) in the laboratory under conditions similar to those 
in well waters. 
Procedures 
The optimal conditions for FeCO^ formation are rather hard to 
establish a priori. Figure 4 shows a minimum in iron solubility from 
pH 8-9 due to ferrous carbonate. However, ferrous to ferric oxidation 
would be expected to be very rapid in this pH range, 100 - 10,000 
times faster than at pH 7. Therefore, a variety of pH's were chosen 
from pH 7 to pH 10 for evaluation of their effects on precipitate 
formation. 
The experiments were simple and ordinarily consisted of 1) de-
oxygenizing 2 liters of distilled water (specific conductance around 
1-3 vmhos/cm) in a polyethylene jar inside a glove box by bubbling 
nitrogen through it, 2) adding either Na^CO^ or NaHCO^ as a source of 
carbonate alkalinity, 3) adding FeSO^-ZHgO, 4) adjusting the pH with 
NaOH and/or HCl, 5) bubbling air at a rate of about 15 ml/sec through 
the solution for about 30 minutes from a pipette with a 0.1 mm 
opening, and 6) filtering and analyzing the precipitate with an X-ray 
diffractometer (General Electric XRD-5) and differential thermal and 
thermal gravimetric analyzer (DTA-TGA) (Rigaku Corporation). The pH 
of and dissolved oxygen in the solution were also measured at intervals 
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during the experiment (Beckman Model IR-4 pH Meter and Yellow Springs 
Instrument Company Model 54 D.O. Meter). Figure 11 shows the general 
equipment layout. A magnetic stirrer was used to keep the precipitated 
particles in suspension. It was later learned that mechanical mixing 
can have a significant effect on secondary nucleation and crystalliza­
tion, however, the degree of mixing here is certainly not as violent 
as that used in those studies (75) and should have a minimal effect. 
Nitrogen was bubbled through the solution until the dissolved 
oxygen meter read below 0.5 mg/1 as 0^, which seemed to be the lowest 
practical value obtainable. In fact, the meter never read below 0.3 
mg/1 even when all oxygen was removed with NaHSO^ and cobalt catalyst 
and is probably due to the electrochemistry and electronics of the 
meter. A correction factor could be applied as follows; 
_ n n _ measured D.O. - 0.3 mg/1 ,D.O. of ^ 
' D.O. of saturation - 0.3 mg/1 ^  saturation 
The initial iron concentration was chosen as 10 mg/1 as Fe in 
order to have enough sample to analyze; admittedly, this is a 
relatively high, but not unusual, iron concentration. The carbonate 
alkalinity varied from 400 to 500 mg/1 as HCO^ which is higher than 
roost well waters but was chosen to aid FeCO^ formation. The alkalinity 
was measured at the end of some runs to learn how much had been lost 
during the pH adjustment portion. In some cases it was consider­
able due to the long aeration time used. 
After 30 minutes of aeration, the suspension was pressure filtered 
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Fig. 11. Equipment setup for experimental Phase A 
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on a 0.45 ym Gelman membrane filter with nitrogen as the pressure 
source. The precipitate was air dried and a portion mounted on a 
glass slide with double-stick tape in order to give a permanent slide 
for X-ray analysis. Another portion was sometimes analyzed using 
the DTA and TGA techniques. 
Results 
The conditions and results of this first series (Phase A) of 
experiments are summarized in Table 5. The X-ray diffraction and DTA-
TGA analyses are shown in Figures 12 and 13 while the "d" - spacings 
for the samples and several iron minerals are listed in Tables 6 
and 7. 
The first two experiments in Table 5 were performed without first 
deoxygenizing the water since it was thought that this might better 
represent conditions in a water treatment plant where the water is 
aerated very rapidly. This technique was later rejected since the 
aeration is not instantaneous and the dissolved oxygen is not raised 
to saturation. The last two experiments added silica to the solution 
since silica exhibits a strong interference with y-FeOOH crystallization. 
The silica source was a 1000 mg/1 sodium silicate standard obtained 
from Each Chemical Company. Unfortunately, the chemistry of sodium 
silicate (WagOtSiOg)^) in water was unknown. Hence, for the next 
experimental phase, the silica source was changed to sodium metasilicate 
(NagSiOg), whose reactions with water are better understood. 
Table 5. Summary of conditions and results for experimental Phase A 
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Table 6. Summary of X-ray diffraction results in Phase A: d-spacings in angstroms 
Experiment lA Experiment 2A Experiment 3A Experiment 4A 
Filtered DTA Sample Filtered DTA Sample Filtered Filtered 
Precipitate heated to Precipitate heated to Precipitate Precipitate 
100° C 100° C 
3.67 2.40-2.63 3.67 3.29 3.3 
2.68 1.42-1.55 2.68 2.72 1.9 
2.50 2.52 2.46 1.6 
2.21 2.08 2.07 
1.84 1.83 1.93 
1.68 1.68 1.73 
1.60 1.53 1.63 
1.48 1.48 1.55 
1.45 1.45 1.50 
1.31 1.26 1.21 
1.26 1,25 1.19 
1.21 1.22 
1.18 
1.16 
1.13 
1.10 
1.05 
Table 6. (continued) 
Experiment 5A Experiment 6A Experiment 7A 
Filtered Filtered Filtered DTA Sample 
Precipitate Precipitate Precipitate Heated to 1000°C 
3.09-3.34 2.47-2.66 2.40-2.63 3.63 
2.27-2.61 1.41-1.54 1.37-1.58 2.68 
1.84-1.19 2.50 
1.68-1.75 2.19 
1.48-1.56 1.83 
1.36-1.40 1.68 
1.16-1.21 1.59 
1 /.a 1.48 
1.45 
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Table 7. Interatomic spacings for several iron minerals (4) 
y-FeOOH Lepidocrocite 
^ a b 0 
d(A) I/I^ d(A) M M O 
0 
d(A) 
FeCO^ 
I/Io 
Siderite 
o 
d(A) M M O 
6.26 100 1.189 20 3.59 60 1.124 40 
3.29 90 1.10 20 2.79 100 1.114 10 
2.79 10 1.073 40 2.56 10 1.086 40 
2.47 80 2.35 50 1.081 60 
2.36 20 2.13 60 1.066 50 
2.09 20 1.963 60 1.034 10 
1.93 70 1.795 50 1.006 20 
1.848 20 1.734 80 0.9815 50 
1.732 40 1.527 20 0.9717 60 
1.566 20 1.505 60 0.9666 20 
1.535 20 1.426 50 0.9392 20 
1.524 40 1.395 40 0.9352 40 
1.496 10 1.381 20 0.9305 70 
1.449 10 1.373 20 0.9248 50 
1.433 20 1.354 60 0.9086 10 
1.418 10 1.281 40 0.9054 60 
1.389 10 1.258 20 
1.367 30 1.229 40 
1.261 10 1.198 50 
1.213 10 1.172 20 
1.196 20 1.143 10 
^d-Spacing in angstroms. 
^Relative intensity of line. 
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Table 7. (continued) 
Goethite Fe(0H)2 a-FegO^ Hematite y-FegO^ Maghemite 
d(A) I/I d(A) I/I d(A) I/I d(A) I/I d(A) l/l d(A) I/I 
0 0 0 0 0 o 
4.97 60 4.61 80 3.68 25 1.042 2 8.02 8 2.451 <1 
4.18 100 2.82 50 2.69 100 0.990 10 7.04 18 2.414 8 
3.36 60 2.42 100 2.52 50 0.9715 2 6.35 8 2.318 8 
2.69 70 1.79 28 2.21 30 0.9601 18 5.95 60 2.254 4 
2.58 55 1.64 36 2.09 2 0.9578 6 5.75 4 2.208 4 
2.48 40 1.54 20 1.843 40 0.9512 12 5.37 8 2.089 100+ 
2.44 80 1.35 20 1.697 60 0.9314 6 5.00 8 1.822 16 
2.30 10 1.21 4 1.604 16 0.9204 6 4.84 40 1.702 100+ 
2.25 60 1.07 4 1.488 35 4.32 25 1.608 100+ 
2.18 60 1.04 4 1.457 35 4.13 2 
2.14 10 1.351 4 3.86 12 
2.09 15 1.313 20 3.75 100 
2.01 20 1.261 8 3.50 12 
1.92 40 1.233 2 3.42 65 
1.80 50 1.215 4 3.216 25 
1.77 30 1.192 8 3.077 2 
1.72 70 1.166 10 2.950 100+ 
1.69 50 1.143 12 2.871 <1 
1.66 40 1.106 14 2.799 18 
1.63 10 1.079 2 2.642 25 
1.60 50 1.058 18 2.521 100+ 
1.51 60 
1.46 40 
1.45 60 
1.42 50 
1.39 50 
1.37 40 
1.36 50 
1.35 20 
1.32 60 
1.29 40 
89 
Several of the X-ray diffraction curves and corresponding d-
spacings closely match y-FeOOH, lepidocrocite. Several other patterns 
tend to have amorphous halos in areas of strong y-FeOOH peaks which 
means these precipitates may also have some y-FeOOH present, or the 
entire sample is y-FeOOH, but with very small crystallite sizes. 
The DTA and TGA traces support the X-ray evidence for y-FeOOH if 
one remembers that the exact peak position and height is somewhat 
dependent on particle size, moisture content, and impurities (54). 
Furthermore, an intermediate compound, y-Fe^O^, can be observed at 
about 400° C, which is typical of lepidocrocite when it is heated: 
y-FeOOH ->• y-FegOg a-FegO^ (31a) 
but not of siderite: 
FeCOg 4- FeO FCgO^ (31b) 
Finally, none of the DTA patterns show the exothermic peak between 550° 
C and 700° C which is characteristic of FeCO^ (54) so that formation 
of a FeCOg precipitate seems to be ruled out. 
Discussion 
Neither the X-ray nor the DTA results show any evidence of the 
presence of FeCO^. On the other hand y-FeOOH can be found at a pH of 
9 or less in the absence of silica. Silica causes the samples to be 
X-ray amorphous. This is exactly what Schwertman and Thalman (82) had 
found, only at much higher iron concentrations. 
90 
These experiments were also aimed at deciding what analytical 
methods would be most useful in characterizing the precipitate. The 
results tended to show that use of only X-ray diffraction and 
differential thermal and thermal gravimetric analysis gave limited infor­
mation about the precipitate. Therefore, the next set of experiments 
also made use of transmission electron microscopy (TEM) and selected 
area electron diffraction (SAD), infrared (IR) spectroscopy, zeta 
potential measurements, X-ray fluorescence, and precipitate surface 
area measurements. In addition to providing a more extensive character­
ization of the precipitate, the next set of experiments attempted to 
expose how silica affects y-FeOOH formation. Although additional 
efforts could have been made at FeCO^ formation, the results presented 
here did not encourage such a study route. 
One note needs to be added on sample preparation. It was 
certainly possible that the y-FeOGH precipitates may be a result of 
some chemistry which occurs during the drying of the filtered 
precipitate. This concern was tested by performing an X-ray analysis 
of a filtered precipitate without giving it a chance to dry. This, in 
turn, was accomplished by wrapping the filtered precipitate in a thin 
film of plastic which was X-ray transparent. The precipitate was 
indeed y-FeOGH even in the wet condition which gives strong support 
to the belief that lepidocrocite is not the accidental result of the 
drying process. 
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EXPERIMENTAL PHASE B 
The previous experiments did not support the precipitation of 
ferrous carbonate in water treatment plants; however, they did show 
that lepidocrocite, y-FeOOH, could form in the absence of silica. The 
purpose of this phase of experiments was to further characterize the 
iron precipitate and to determine how silica affects it. 
Procedures 
The methods used were similar to those used in Experimental 
Phase A with only a few variations. A 2-liter Erlenmeyer flask covered 
with plastic wrap (which could be removed for short periods in order 
to measure the pH and dissolved oxygen without transferring significant 
amounts of oxygen) was used instead of the cumbersome glove box. 
Although the flask was glass, it did not add any detectable silica to 
the solutions» Other differences were; 
CaSO^'ZHgO or CaCl^ was used as a hardness source, 
. NagHgSiOg, which equilibrates with H^SiO^ (2), was used as a 
silica source. 
Several concentrations of silica were tried, 
KMnO^ was the oxidant in one experiment, 
Experiments were usually conducted at a near neutral pH, 
Other analyses were made besides X-ray diffraction and DTA-TGA. 
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Analyses 
The transmission electron microscope (TEM) became the most 
useful instrument in this study. The TEM used (Siemens Elmiskop I) also 
had the capability of selected area diffraction (SAD) which allows one 
to record the electron diffraction pattern produced by a small portion 
of the sample. 
The preparation of the iron sample for TEM observation was very 
important. The iron present was only a small part of the total solids, 
hence, sample preparation by freeze drying or by air drying a drop of 
suspension on a carbon grid produced much background clutter. It was 
eventually discovered that a centrifuge could be used with good results 
to sediment the precipitated particles onto a grid, which in turn was 
mounted atop a carbon disc. Of course, it would be hazardous to use 
this method of sample collection for particle size distributions. 
The observation of the samples with the TEM was difficult since 
very low currents had to be used which made focusing very tricky. High 
beam currents caused the particles to change from y-FeOOH to a globular 
amorphous material. 
Surface area analyses were crucial for determining the effects 
of silica on iron precipitation. The iron precipitates were placed in 
several vacuum desiccators containing different relative humidities 
(PgO^ which gives a relative humidity of 0%, LiCl-15%, KC2H202-20%, and 
CrOg-35%) and then brought to constant weight. The desiccators were 
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initially evacuated to about 0.2 mm of Hg and kept at a constant 
temperature of 68° F. The weight gains due to the adsorption of H^O 
were fitted to an isotherm to find the monolayer capacity. 
Several authors have felt that the zeta potential of a particle 
in water is an important indicator of a suspension's filtrability. The 
zeta potentials of samples collected at the end of an experiment were 
measured with a PEN-KEM Inc. Lazer Zee Meter, Model 102. 
Infrared (IR) spectroscopy seemed to offer great potential for 
identifying the minerals precipitated. Diffraction of X-rays and 
electrons depend on the long range order of the mineral lattice, but 
the infrared wavelengths absorbed are more dependent on the elements 
and bonds which constitute the short range order of the mineral. Hence, 
a mineral may show an amorphous diffraction pattern due to dislocations, 
strains, and crystallite size, but still maintain approximately the 
same absorption pattern as a more crystalline mineral. For example, 
quartz and glass have very different diffraction traces but very 
similar infrared absorption traces. 
Iron precipitate samples for IR analysis were prepared by grinding 
and mixing about 5 mg of air-dried precipitate with 400 mg of KBr and 
then compressing the mixture at 76,000 psi for 15 minutes to form a 
pellet. The pellet was then scanned from 1.0 to 15.0 ym with a Beckman 
IR-4 infrared spectrophotometer. 
One last analytical tool used was X-ray fluorescence. Each 
element emits X-rays of a characteristic energy when it is excited, and 
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so the energy emitted by a sample when it is bombarded by electrons 
can be used to determine the elements present. The ratios of the 
peak heights for the elements is related to their concentration in 
the sample. Two instruments were used: a Hitachi Perkin Elmer XMÂ-5 
Electron Probe Microanalyzer and a Nuclear Diodes EDAX Model 502/504A 
which was attached to a JEOL JSM U3 scanning electron microscope. 
The USE of X-ray diffraction and DTA-TGA has been described 
earlier. The only modification in their use in this phase is that 
all samples for DTA-TGA analysis were first desiccated with PgO^. 
Results 
The experimental conditions, zeta potential, and mineral identity 
data collected in the Phase B studies are summarized in Tab]e 8. The 
results obtained from the various methods of analysis are discussed 
below: 
TEM and SAD 
Photos from the TEM are shown in Figures 14-40 and the SAD results 
are condensed into Table 9. The Figures are arranged in the same 
order as in Table 8, that is, towards increasing silica concentrations. 
Figures 14-22 and 30-31 show that when the silica concentration 
is less than 7.1 mg/1 as SiO^, the particles are thin sheets on the 
order of several hundred angstroms in diameter. The sheets appear 
rolled and crumpled as per previous observers of y-FeOOH (33, 55, 57); 
the rolled effect is most likely due to the surface tension of water as 
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the particles dry. That the surface tension is great enough to do 
this can be seen from the Euler formula for the buckling of a column or 
uniformly loaded plate: 
P = 
2 
ïï EI (32) 
where : 
P = maximum load before column or plate becomes unstable = 
2 X surface tension x plate width, 
10 2 
E = modulus of elasticity of y-FeOOH (inferred as about 10 N/m ), 
3 
I = moment of inertia = bd /12, 
b = plate width, 
o 
d = plate thickness = 6.3A if we assume the particles are only 
one layer thick, and 
L = minimum plate length at which buckling would occur under 
load P. 
solving for "L" and substituting: 
L = ' (10^0 N/m^)-(6.3 X 10"^m)^ 
2- (7.3 X 10"^ N/m)-12 
1/2 
= 1200A (33) 
Hence, a plate of length greater than 12Û0A could be buckled due to the 
surface tension. Since the particles in the photos are for the most 
o 
part larger than 1200A, it seems likely that surface tension plays a 
role in their buckled and crumpled appearance. Hydrogen bonds developed 
between particle faces may keep the particles distorted once the water 
Table 8. Summary of conditions and results for experimental Phase B 
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3B 10.2 - 307 256 5.1 102 124 17 181 
4B 10.2 0.5 307 226 7.1 92 128 17 163 
5B 10.2 3.5 308 - 8.3 100 133 257 0 
6B 10.2 0.1 308 239 10.1 103 132 17 182 
7B 10.2 1.0 307 - 10.2 100 133 257 0 
8B 10.2 0.0 307 - 20.4 92 131 17 162 
9B 10.2 3.3 307 - 30.0 100 139 257 0 
lOB 10.3 - 307 256 5.1 0 229 17 161 
IIB 10.3 - 308 - 0.0 100 119 257 0 
12B 10.2 - 307 221 5.0 100 124 257 0 
13B 10.1 0.0 300 251 20.0 100 128 17 177 
14B 10.4 - 307 - 0.0 99 116 255 0 
15B 10.4 0.0 308 - 10.2 100 133 257 0 
^Better crystallinity observed early in the run. 
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8 . 1  
8.0 
6.7 
7.6 
0.4 2.2 5.9 - 3.0 y-FeOOH 
0.6 2.3 6.3 - 5.0 y-FeOOH 
0.6 2.1 6.2 - 7.6 y-FeOOH^ 
0.3 3.1 6.5 - 9.1 y-FeOOH^ 
0.2 2.3 6.3 - y-FeOOH* 
0.6 2.5 6.8 - 6.7 Amorphous 
0.3 2.5 5.5 - Amorphous, 
some y-FeOOH 
0.4 2.3 6.4 - 9.4 Amorphous 
0.4 2.1 7.0 -12.8 Amorphous 
0.4 7.7 7.2 -20.2 y-FeOOH 
0.3 4.0 7.3 - y-FeOOH,fast 
aeration 
0.6 6.8 7.1 - y-FeOOH, fast 
aeration 
0.6 2.5 7.6 - 6.6 Amorphous, fast 
aeration 
KMnO, used - Amorphous, 10% KMnO, 
added in 10 min. 
0.4 1.8 4.6 -10.0 y-FeOOH^ 
smaller particles 
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Fig. 14. Experiment IB; 810% = 0.0 mg/1; sample taken at the end 
of the experiment; 17,500 % 
Fig. 15. Experiment IB; Si02 = 0.0 mg/1; sample taken at the end 
of the experiment; 70,000 x 
99 
Fig. 16. Experiment 2B; Si02 = 1.9 mg/l; sample taken at the end 
of the experiment; 17,500 % 
Fig. 17. Experiment 2B; Si02 = 1.9 mg/l; sample taken after 11 
minutes from the start of the experiment; 17,500 ^  
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Fig, 18. Experiment 3B; Si02 = 5.1 mg/1; sample taken at the end 
of the experiment; 17,500 % 
Fig. 19. Experiment 3B; Si02 =5.1 mg/1; sample taken at the end 
of the experiment; 70,000 x 
101 
Fig. 20. Experiment AB; Si02 =7.1 mg/1; sample taken after 11 
minutes from the start of the experiment; 17,500 % 
Fig. 21. Experiment 4B; Si02 = 7.1 mg/1; sample taken after 11 
minutes from the start of the experiment; 70,000 x 
102 
Fig. 22. Experiment 4B; Si02 =7.1 mg/1; sample taken after 31 
minutes from the start of the experiment; 17,500 x 
Fig. 23. Experiment 4B; SiO? =7.1 mg/1; sample taken after 31 
minutes from the start of the experiment; 70,000 x 
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Fig. 24. Experiment 5B; SIO2 =8.3 mg/1; sample taken after 7 
minutes from the start of the experiment; 70,000 % 
Fig. 25. Experiment 5B; Si02 = 8.3 mg/l; sample taken after 7 
minutes from the start of the experiment; 175,000 x 
104 
Fig. 26. Experiment 7B; Si02 = 10.2 mg/1; sample taken after 7 
minutes from the start of the experiment; 70,000 % 
|0,5nM I 
Fig. 27. Experiment 7B; Si02 = 10.2 mg/1; sample taken after 29 
minutes from the start of the experiment; 70,000 x 
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Fig. 28. Experiment 13B; Si02 = 20.0 mg/1; sample taken at the end 
of the experiment; 17,500 % 
' ,0.5uh , 
Fig. 29. Experiment 13B; Si02 = 20.0 mg/1; sample taken at the 
end of the experiment; 70,000 x 
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Fig. 30. Experiment lOB; Si02 = 5.1 mg/l; sample taken after 10 
minutes from the start of the experiment; 17,500 % 
Fig. 31. Experiment lOB; Si02 = 5.1 mg/l; sample taken after 10 
minutes from the start of the experiment; 175,000 x 
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m 
g 
Fig. 32. Experiment 14B; sample oxidized with KMn04; 70,000 x 
•••jr "Wi- •"'.•.:?ssoe»^ ss.-rassv>, 
r M. 
'.. # # 
Fig. 33. Experiment 14B; sample oxidized with KMnO^; 175,000 x 
108 
ê 
.O.SuM. 
Fig. 34. Experiment 15B; Si02 = 10.2 mg/1; pH = 8.0; sample taken 
after 4 minutes from the start of the experiment; 70,000 x 
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Emma 
Fig. 35. Experiment IB; Si02 =0.0 Fig. 36. Experiment 2B; Si02 = 1.9 
mg/1; SAD from sample taken »- mg/1; SAD from sample taken 
at the end of the experiment after 11 minutes from the 
start of the experiment 
Fig. 37. Experiment 4B; Si02 = 7.1 
mg/1; SAD from sample taken 
after II minutes from the 
start of the experiment 
Fig. 38. Experiment 5B; Si02 =8.3 
mg/1; SAD from sample taken 
after 7 minutes from the 
start of the experiment 
m 
Fig. 39. Experiment 6B; Si02 = 10.1 Fig. AO. Experiment 15B; Si02 " 10.2 
mg/1; SAD from sample taken mg/1; pH = 8.0; SAD fro& 
at the end of the experiment sample taken after 4 minutes 
from the start of the exper­
iment 
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Table 9. SAD results for experimental Phase B 
y-Fe00H(5) IB 2B 4B 5B lOB llB 
(SlOg = 0.0) (0.0) (1.9) (7.1) (8.3) (5.1) (0.0) 
1.27*(i3)b l.lf 1.23* 
1.00 (90) 1.0* 1.0 1.0* 1.0* l.(f 1.0 
0.85 (16) 0.84 
0.75 (80) 0.74 0.76 0.76 0.76 0.75 0.78 
0.72 (20) 0.70 0.72 0.71 
0.64 (20) 0.67 
0.59 (70) 0.58 0.60 0.59 0.62 0.59 0.60 
0.56 (20) 0.56 0.55 0.56 0.57 
0.53 (40) 0.52 0.52 
0.48 (20) 0.50 
0.47 (20) 
0.46 (40) 0.46 0.47 0.46 0.48 0.46 0.47 
0.45 (10) 
0.44 (10) 
0.435 (20) 
0.43 (10) 
0.42 (10) 
0.415 (30) 0.41 0.43 0.41 0.43 
0.38 (10) 0.38 
0.37 (10) 
0.36 (40) 0.35 0.37 0.36 0.36 
0,33 (60) 0.34 
^Ratio of "d" spaCings to d = 3.29A. 
^I/I^ for y-FeOOH. 
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is completely evaporated. Unsuccessful attempts were made to eliminate 
surface tension effects; first by adding a detergent (but this introduced 
too much background debris into the photos) and secondly by drying the 
grid in acetone and ether (but this only resulted in detaching the 
carbon film from the copper grid). 
It is not easy to estimate the thickness of the particles since 
o 
the resolution of the microscope is only about lOA. Shadowing several 
grids with germanium at a low angle proved unsuccessful since the 
particles were too crumpled. However, a reasonable guess can be made 
by measuring the thickness of the dark lines in Figure 36 which 
correspond to rolled or buckled sections and are at least two particle 
thicknesses. It appears from the results of this method of analysis 
that the y-FeOOH flakes are one to three layers thick. 
The mineral identity of these thin sheets does appear to be 
y-FeOOH as seen by the SAD patterns summarized in Table 9 and the one 
X-ray pattern included in Figure 12. The SAD patterns are shown in 
Figures 35-40. Since the exact distances of the electron diffraction 
lines on the SAD negatives are dependent on the machine settings 
chosen for a series of photos, the lines are all referenced to the line 
0 
which has a "d" spacing of 3.29A. This can be described mathematically 
by starting with the Bragg equation: 
À = 2d sin 0 (34) 
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where: 
A. = wavelength of radiation, 
d = interatomic spacing, and 
9 = Bragg angle. 
For small angles such as those in the TEM; 
sin 9 : tan 6 : (35) 
where; 
r = radius of the diffraction line, and 
L' = the effective length from the crystal to the film. 
Hence: 
d^/d2 = (36) 
or for this work: 
^3.29A 
^3.29A ^ 
The radius, r, is taken at the midpoint of the diffraction line. 
It was claimed earlier that the lepidocrocite particles are 
composed of only a few layers similar to some clays. The complete 
lack of diffraction lines from the (0,k,0) planes (that is, planes 
parallel to the layer structure) in some samples reinforces that 
conclusion. 
The conditions under which y-FeOOH did form are very interesting 
since Schwertman and Thalman (82) had found X-ray amorphous patterns 
(37) 
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when the silica concentration, as SiO^, was greater than about 14% of 
the total iron concentration, albeit at higher total iron concentrations. 
But here, the TEM and SAD results show y-FeOOH is formed at silica 
concentrations up to 71% of the iron concentration. The electron 
diffraction patterns seem to be more sensitive than the X-ray patterns, 
probably because camera work is better than diffractometer work and 
perhaps because pressure filtering the sample prior to analysis with 
the X-ray diffractometer introduces more strains into the particle 
flakes because the pressure filter acts somewhat like a trash compactor. 
A more complete explanation of this idea is given below. 
It is clear from both the X-ray and electron diffraction patterns 
that there is considerable line broadening; that is, the X-ray 
diffraction peaks and SAD lines are not very sharp. This line broadening 
can be caused in several ways (22): 
Dislocations appear in the crystal lattice due to foreign ions 
or structure imperfections and hence make the crystallites 
appear smaller; 
the individual particles and therefore the crystallites are 
smaller perhaps due to the precipitation conditions; and 
the crystals are strained such as in this work where they are 
buckled and rolled. 
The equation for line broadening due to crystallsta-size is: 
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where : 
B = broadening of the diffraction line in radians measured at 
half its maximum intensity, 
o 
A = wavelength of radiation (1.542A for copper X-rays and 
o 
0.0418A for 80 KV electrons), 
t = thickness of crystal particle perpendicular to diffraction 
0 
plane which is taken as lOOA here, and 
0 = Bragg angle of the diffraction line. 
Line broadening due to strain follows the equation: 
B = -2 Ad/d tan 0 (39a) 
where : 
Ad/d = fractional variation in plane spacing. 
If it is assumed that the strain is induced by the particles bending, 
then: 
Ad/d = 
where : 
0 
T = thickness of the particle, which is assumed to be 12.5A or 
two layers of y-FeOOH, and 
R = the radius of curvature of the rolled particle which is 
o 
taken as 50 A here and corresponds to the thickness of the 
folds in Figure 15. 
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Table 10 summarizes the line broadening effects for two "d" spacings 
o o 
of 2.0 A and 2.1 A. The point being made is that broadening due to 
crystallite size would still allow the lines to be resolved whereas 
the broadening due to strain would not. Hence, sample preparation 
techniques which cause strains in the particles should give poor 
results. 
Table 10. Example line broadening effects 
A B due to B due to 
crystallite size strain 
Copper 80 KV Copper 80 KV Copper 80 KV 
in A K Electrons K Electrons K Electrons 
a a a 
2.0 22.7° 0.599° 0.86° 0.022° 6.0° 0.22° 
2.1 21.5° 0.570° 0.85° 0.022° 5.6° 0.14° 
Experimental runs at neutral pH's where the silica concentrations 
were greater than 5.0 mg/1 show a curious phenomenon. The particles 
in samples taken late in the run are much more indistinct than those 
taken early in the run {i.e. as in Figures 20 through 23) and probably 
means that the precipitate formed early is more crystalline. Naturally, 
this is a somewhat subjective judgement with no hard data to prove or 
disprove it. 
Precipitates formed at neutral pH's and silica concentrations 
above about 8.3 mg/1 were amorphous except for a few isolated 
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lepidocrocite particles (Figures 26 - 29). It is not clear whether 
the large particles of amorphous material are composed of smaller 
particles but this seems likely since the general trend does appear 
to be toward smaller individual particles with increasing silica. A 
silica concentration of 8.3 mg/1 seems to be a crossover point and 
many of the particles produced at that level seem to be full of holes 
(Figures 24 and 25). 
One of the purposes of this research was to discover the effect of 
higher oxidation rates on the characteristics of the precipitate. Three 
experiments (IIB, 12B, and 13B in Table 8) were performed using high 
rates of aeration which in turn means higher levels of oxygen and 
higher rates of ferrous oxidation. However, this did not have much 
effect on the precipitate morphology. One other experiment was conducted 
with KMnO^ as the oxidant which gives a very fast oxidation reaction. 
The resultant precipitate (Figures 32 and 33) was amorphous with no 
distinctive morphology and looked similar to precipitates occurring at 
high silica concentrations. 
Zeta potential 
Table 8 shows that the zeta potential of the iron precipitate 
rapidly became more negative with increasing silica up to about 7.3 
mg/1 of SiO^, after which the zeta potential continued to become more 
negative but at a slower rate as the silica increased. Unfortunately, 
there are holes in the data due to the logistics of getting the samples 
run. 
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The effect of calcium on the precipitate was investigated in 
order to help explain why soft waters may be harder to treat for 
iron removal. Hence, one run was made with no calcium present but 
enough sodium chloride was added to give the same charge concentration. 
The lack of calcium made no change in particle shape (Figures 30 and 
31 ), but more than doubled the zeta potential which means that the 
calcium ions are adsorbed around the particles and serve to lower the 
zeta potential as predicted by double layer theory (98) and are perhaps 
even adsorbed directly onto the surface. Other divalent cations would 
2+ 
be expected to have a similar action (51) including Fe ions themselves. 
Surface area 
The determination of surface area by measuring the adsorption of 
water at several vapor pressures gave very meaningful results which are 
summarized in Figures 41 and 42. In comparison, the theoretical 
2 
surface area of an infinite single layer of y-FeOOH is 806 m /gm. The 
data can be analyzed by using either Langmuir or Brunauer, Emmet and 
o2 
Teller (BET) isotherms and assuming each water molecule occupies 10.5 A 
o2 
of area (46). (Note that each FeOOH unit has 11.9 A of surface area 
so that if one sheet of y-FeOOH had a monolayer of water adsorbed, 
the resultant formula would closely approximate Fe(OH)_.) Using the 
Langmuir isotherm gives numbers more in the range of those in the 
literature (82) but both methods show the same trends; an increasing 
surface area with increasing initial silica concentration up to about 
7.1 mg/1, which corresponds to the approximate transition from 
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0.11 
Hf/ 
0.03 
7.1 mg/& 
10.1 mg/& 
5.1 mg/& 
20.4 mg/& 
SiOg = 32.0 mg/& 
SiOg = 1.9 mg/& 
SiOg = 0.0 mg/& 
41. Adsorption of H2O on several iron precipitates as a function 
of P/P 
o 
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Fig. 42. Surface area of the iron precipitate as a function of the 
initial silica concentration 
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crystalline -y-FeOOH to an amorphous material, and a decreasing area 
at higher silica concentrations. There also seemed to be little effect 
on surface area due to the rate of aeration. The drop in surface area 
at higher silica concentrations can be explained as loss of area 
accessible to water molecules by the closing off of pores and by an 
increasing area of particle to particle contact as the particles 
become smaller. 
A simple mathematical model which approximates the curve in 
Figure 42 can be built by assuming the radii of the pores in the 
precipitate have an exponential function just as many particle size 
distributions do: 
n = 1 - (40a) 
where: 
n = fraction of pores with radius smaller than "r", 
r = pore radius, and 
r = median radius of the pores. 
m 
If "r " is some critical pore radius below which water molecules 
c 
cannot penetrate, then the area measured by the adsorption test or the 
apparent area will be; 
Agpp = A'2"fc/fm (40b) 
where : 
A = apparent area, 
app 
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A = real area, and 
r = critical radius, 
c 
Another simplification is that the number of particles per unit weight 
varies inversely with the cube of their median radius while the area 
of each particle varies with the square of the radius. Hence, the 
total area varies inversely with the median radius. If it is also 
which will be discussed later, then the apparent area as a function of 
assumed that the total area is proportional to j SiO^ + kg. 
SiOg becomes: 
\pp " + kg)'2 KCk^VsïÔg + kg) (40c) 
where : j 
SiO- = silica concentration, and 
k, kj, kg = constants. 
-4 
if K = 7.58 X 10 , kj^ = 1000, and kg = 216, then the curve pt 
by Equation 40c is similar to the experimentally derived curve as seen 
in Figure 42. Of course, the correlation could be improved upon at 
the expense of simplicity. The only point being made here, is that 
the decrease in surface area at silica concentrations above 7.1 mg/1 is 
probably due to a loss of surface area accessible to water vapor but 
the real surface area is actually increasing. The simple theory 
discussed supports this premise. 
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DTA/TGA 
Several precipitates were analyzed by differential thermal and 
thermograviraetric analysis for which the results are shown in Figure 43 
and Table 11. The samples were first desiccated with 1*2^5 order 
to remove absorbed water. 
Table 11. TGA results 
Sample 
SiOg 
(mg/l) 
Sample 
Weight 
(mg) 
Weight 
Loss 
(mg) 
% Weight Loss 
IB 0.0 8.0 1.3 16 
3B 5.1 8.5 1.3 15 
4B 7.1 11.0 1.6 15 
8B 20.0 13.2 2.5 19 
9B (unwashed) 30.0 10.0 2.1 21 
9B (washed) 30.0 9.5 1.9 20 
14B 0.0 24.4 4.8 20 
Table 12. Theoretical weight losses 
FeOOH -> Fe Og 10.1 
FeOOH- 1/2 H^O ^  Fe 0 18.4 
FeOOH-H^O ^ Fe 0_ 25.3 
FeCO ^ FegOg 31.1 
CaCOg CaO 44.0 
H.SiO, SiOL 35.5 
4 4 2 
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Fig. 43. DTA-TGA patterns from experimental Phase B 
m 
The traces in Figure 43 are remarkably similar for all silica 
contents, which could mean that the precipitates are all very similar in 
crystal structure. They do differ from traces reported in the 
literature (54) which is probably due to the loss of the endothermal 
peak which corresponds to the loss of water from undesiccated samples. 
Table 11 shows theoretical weight losses for several minerals. 
Note that FeCO^ has a much higher theoretical weight loss than that 
actually found so that it is again ruled out. Lepidocrocite, on the 
other hand, has a smaller weight loss so that the higher observed losses 
must mean that there is CaCO^ and H^SiO^ mixed with it and maybe even 
some sorbed water which was not removed in the desiccator. The sample 
weight loss increases with increasing SiOg concentration which is 
likely due to an increase in CaCO^, H^SiO^, and sorbed water content 
(the calcium and silicon content do, in fact, increase as will be 
shown later). 
Infrared spectrophotometry 
It was hoped that infrared spectroscopy would help determine if the 
mineral structure of the iron precipitate changes with increasing silica 
concentration. The absorption patterns are shown in Figure 46 and 
do seem very similar, but. unfortunately, this could be caused by 
CaCOg being precipitated as the precipitate dries thus obscuring the 
changes in the iron precipitate. A strong adsorption pattern is 
characteristic of CaCO^, while y-FeOOH has a fairly weak one (96). 
Washing the filtered precipitate with distilled water did not remove 
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enough calcium to help since the water did not reach all the pores of 
the precipitate. It is recommended in future studies that the adsorbed 
ions such as calcium be removed prior to filtering by techniques such 
as dialysis. 
X-Ray fluorescence 
The changes in ratios of Si'-FS; Ca:Fe, Cl:Fe, and S:Fe were studied 
using an energy dispersive X-ray analyzer attached to a scanning electron 
microscope. The samples were mounted on carbon stubs with a graphite 
adhesive and left uncoated. Over narrow ranges of ratios, the changes 
in the intensity of the characteristic X-rays for each element should 
vary almost linearly with the element's concentration in the sample. 
The experimental data are summarized in Figures 44 and 45 and, 
unfortunately, show more scatter than one would expect. This is probably 
due to the poor conductance of the samples since they were uncoated and 
tended to charge. Sulfur was not found to be part of the precipitate 
which probably means that the divalent sulfate ions were negatively 
adsorbed by the negatively charged iron particles. The ratio Cl:Fe did 
not seem to change with initial silica concentration which is under­
standable since monovalent ions are often neither strongly adsorbed 
nor repelled. These facts make it hard to account for the observed 
effect of anions on the iron precipitate's filtrability (68, 69), how­
ever, such experiments were performed with ferric rather than ferrous 
salts. Calcium was part of the precipitate and initially increased 
with silica concentration but reached a plateau at 10 mg/1 as SiOg* 
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This adsorption of calcium was to be expected from previous measure­
ments of the zeta potential. 
The Si;Fe ratio increases with increasing initial silica concen­
tration in a seemingly linear fashion as was also seen by Schwertman 
and Thalman (82). It was found that a Langmuir isotherm also could 
fit the data but would not make much sense since the total area is 
changing. 
Some precipitates were split and one portion filtered and washed 
with one liter of distilled water. The changes in the Si;Fe ratios 
amazingly show a decrease in the iron when the sample is washed. A 
2+ 2+ 
startling explanation is that some Fe like Ca is adsorbed and 
then leached out by the distilled water. This is further evidenced 
by high concentrations of unoxidized iron at the end of some experi­
ments. This iron could have been adsorbed and then squeezed out when 
the sample was pressure filtered. This phenomenon seems to occur when 
CaSO^ rather than CaClg was used as a hardness source. The first 
experiments were run using CaCl^, and the iron in the effluent was 
checked and found to be almost zero. Hence, after several runs the iron 
in the effluent was no longer measured. The hardness source was 
changed to GaSO^ but the author had not anticipated a drastic rise of 
iron in the effluent until after several experiments. 
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Ferrie Vs Ferrous Salt Precipitates 
Two experiments were run to compare the zeta potential and 
appearance of a ferric and ferrous salt precipitate. Ferric chloride 
and ferrous sulfate were added to separate Erlenmeyer flaska containing 
2200 ml of deoxygenated distilled water to which silica had been added 
to give 15 mg/1. The iron concentrations and bicarbonate concentra­
tion in each flask was 10 mg/1 and 400 mg/1 respectively. The ferrous 
solution was oxygenated for 1/2 hour while the ferric solution was 
merely mixed. The precipitate from the ferric solution formed large 
floes and had a zeta potential of -19.34 mV while the ferrous salt 
had a zeta potential of -27.5 mV and pinpoint floes. 
Discussion 
One of the main themes of this work is to explain how silica 
affects the precipitation of y-FeOOH. Any such theory must explain the 
following: 
1. Decreasing X-ray arid electron diffraction crystallinity and 
decreasing particle size with increasing initial silica con­
centration, 
2. Increasing crystallinity with pH's outside the neutral range, 
3. Better crystallinity in samples taken at the beginning of 
some experiments, 
4. Increasing silica content in the precipitate with increasing 
initial silica concentration. 
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5. Increasingly negative zeta-potentials with increasing silica 
concentrations, 
6. An apparent increasing rate of iron oxidation with increasing 
silica concentrations, and 
7. Increasing inertness to chemical reaction with increasing 
silica concentration. 
Several choices for the method by which silica affects the 
precipitate were presented earlier (page 59): 
surface phenomena which prevent particle growth, 
. an increased nucleation rate of iron particles, 
the inclusion of silica in the precipitate. 
A simple incorporation of silica into the y-FeOOH crystal lattice 
could result in dislocations and hence an increased amorphousness. 
However, it is not clear how this results in decreased particle size 
and changes in crystallinity during the course of some experiments. 
Moreover, the improved crystallinity at higher pH*s seems inconsistent 
since H^SiO^ appears to be the species best adsorbed by iron precipitates 
(39) and this species increases up to a pH of about 12.6. 
Alternatively, the iron and silica may interact before precipita­
tion and then this complex is incorporated into the crystal lattice 
causing defects. But again, the previous comments apply since the 
net effect of either process is the same. 
It is also possible that silica somehow enhances the nucleation 
rate of y-FeOOH; however, the mechanisms by which silica does this is 
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not clear nor is it clear why near neutral pH's show worse 
crystallinity. Furthermore, silica seems to inhibit rather than 
enhance the nucleation of a-FeOOH (17). 
Several researchers have shown that iron oxyhydroxide precipitates 
will absorb silica (39, 56) and that H^SiO^ appears to be the species 
adsorbed at least in the case of goethite, a-FeOOH (39). It seems 
reasonable that this adsorption would occur simultaneously with the 
growth of iron crystals and ought to have some effect on that growth 
particularly if it adsorbs on she edges of the y-FeOOH flakes much 
like phosphate adsorbs on the edges of some clays (97). If H^SiO^ 
molecules were adsorbed onto positively charged iron atoms on the edge 
of a growing y-FeOOH flake, the growth of the particle might be 
terminated at that point much like organic polymers are terminated by 
groups which are only reactive on one end. The question then is a 
kinetic one; how fast can the iron oxidize and condense on existing 
particles as opposed to how fast silica can adsorb and prevent growth. 
The effect on particle size can be hypothesized mathematically as 
follows : 
d(Asi) . _ 
dt ~ ^ 1 ^^,Si ~ *Si) ' ] 
where : 
= area of surface occupied by adsorbed H^SiO^ molecules. 
133 
= total area available for adsorption of H^SiO^ molecules 
and is assumed equal to the area of the particle edges, and 
= a constant. 
This equation expresses the rate of adsorption of silica and is similar 
to Langmuir's argument (60) except that desorption is assumed to be 
negligible. From Equation 15, the rate of increase of volume of 
precipitate is: 
^ k [Fe^+] [OH"] pg^ (42) 
If the particles grew as thin flakes, i.e. their thickness does not 
increase, then : 
f =  J F - "  
or: 
2 
= | [Fe-"^][OH"] p (44) 
where: 
V = volume of single particle, 
A' = surface area of particle face, and 
h - particle thickness. 
If it is now assumed that only the particle edge areas which are 
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unoccupied by silica can grow, then; 
1 (45) 
^ °2 4,Si 
From Equations 41 and 45: 
I'l't»' B3S1O4 l'\ gj 
"W = 72— 
k'[Fe ]•[OH ] p_ 
2 
Since the particles in the experiments are very small, their formation 
is probably fairly rapid; hence, it may be reasonable to consider the 
- 2+ -
concentration of H^SiO^ , Fe , OH , and 0^ as being nearly constant 
during a particle's growth. In addition, there is a relation between 
A', the surface area of one face, and g^, the surface area of the 
particle edge. If the particles are assumed to be circular disks of 
radius "r": 
A' = TTr^ (47) 
Aj, = 2ïïrh (48) 
then; 
= 2hVlF (49) 
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also: 
= (2A' + g.) N (50) 
or: 
A^ = (2A' + 2hVTTA')-N (51) 
where : 
A^ = total surface area of the precipitate, and 
N = number of particles in the precipitate. 
Substitution of Equation 49 into Equation 46 and integration with the 
boundary condition that Ag^ = 0 at A' =0 yields: 
4^^^ k [H SiO "] , 
A., = — ^ A' (52) 
3 k [Fe^^"] [OH"]^ p 
2 
The particle stops growing completely when dA'/dt equals zero or, from 
Equation 45 : 
\.S1 = \l 
Throwing Equations 49 and 52 into equation 53 gives: 
3'k' [Fe "*"]• [OH ] -pQ, 
A' = (54) 
2.k^h- [H^SiO^"] 
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The total surface area of all the particles in a precipitate governed 
by equation 54 can be found as follows: 
V = h-A' (55) 
= N'h'A' (56) 
or: 
N - (57) 
where : 
V = volume of single particle, and 
V = volume of entire precipitate which is constant for any 
experiment. 
From Equations 51, 54, and 57: 
or; 
1/2 
2V 27Tk h 1/2 [H SiO ] 
1/2 
[H SiO "] 
where : 
2Vi 
h ' — 
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2Trk> 1/2 
C, = 2V (-^ ) 
'2 T ' 3k ' „ 1/2 
Po/ 
From equilibrium considerations; 
[SiOg] 
[HgSiO^ ] = ^ (60) 
1 +  "  
\,Si [OH"] 
where : 
p. = dissociation constant for H,SiO, H„SiO, , and 
l,Si 4 4 3 4 
[SiOg] = total silica concentration. 
And finally: 
Cg [SiOg]!/^ 
l,Si 
This last equation explains the apparent nonlinear increase in surface 
area with increasing initial silica concentration. Furthermore, since 
the concentration of H^SiO^ decreases with decreasing pH and since the 
rate of iron oxidation loses its pH dependence at low pH's, then the 
surface area should decrease at low pH's. At higher pH's, the H^SiO^ 
2+ 
concentration increases but the oxidation of Fe increases at an even 
greater rate which results in a lower surface area. Similarly, better 
crystallinity or lower surface area can be found at the beginning of 
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some experiments possibly because the higher iron concentrations cause 
a higher oxidation rate. 
It is interesting to see if the presumption of H^SiO^ adsorption 
on y-FeOOH particle edges has any experimental basis. The adsorption 
area of H^SiO^ can be approximated as the area of three oxygen ions 
because of its tetrahedral structure, that is, it may adsorb like an 
inverted pyramid with three oxygen atoms facing outward. This gives an 
02 
adsorption area per H^SiO^ molecule of 18.5 A . A precipitate with 
°2 
particles of 50 A diameter would then have about 0.17 gram of H^SiO^ 
adsorbed per gram of y-FeOOH. This value is of the same order as 
values obtained from Figure 44 by ignoring X-ray absorption by other 
elements and by using Equation 62 (22): 
I . B.I. V - 12.400 1-5. j (62) 
"a,J \ 
where: 
= intensity of X-rays generated from element "j". 
B = constant, 
i = current applied, 
j =• concentration of element "j", and 
V = voltage. 
By using Equation 62, it turns out that the y-ordinate of Figure 44 
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corresponds roughly to the weight ratio of H^SiO^ to FeOOH and is 
about 0.195 for high silica concentrations. The value obtained above 
also correlates well with the ratio given by McPhail, Page, and 
Bingham (56) of 0.26 gram H^SiO^ per gram of precipitate prepared 
from ferric salts. 
A further point is that Equation 30, which was earlier said to be 
curious because of the one half power of H^SiO^, may be better under­
stood in view of Equation 61. Equation 30 might be saying that higher 
silica concentrations cause higher surface areas, and hence, there is 
somewhat of a surface catalysis effect as seen by Tamura, Goto, and 
Nagayama (92). The effect is not overwhelming since at a pH of 7 and 
an H^SiO^ concentration of 24 mg/1, the reaction rate is only increased 
by about 4% due to the silica and the effect would decrease with 
increasing pH: 
(with Silica) + 
dt _ 1 atm 
^ (without silica) 2.1x10^^ [OH ] 
r atm 
(63) 
Finally, the effect of silica on the zeta potential and chemical 
inertness can be understood since negative charges are being added to 
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the particles which, of course, decreases the zeta potential, and the 
silica adsorbed on the edges would tend to shield the particle from 
reactions that would attack the iron atoms exposed at the edge. 
Although there is no hard evidence at this point for the adsorption 
of silica on y-FeOGH particle edges, such an hypothesis is consistent 
with the experimental results as just described. Equation 61 presents 
an understanding of how the precipitate can be altered by changing the 
pH, silica concentration, or iron concentration. It should be noted 
that the theory presented does not consider the nucleation of particles 
but it appears that the size of the particles is more dependent on the 
silica present rather than the rate of particle nucleation. 
Plant Studies 
Precipitates were collected from iron and manganese removal plants 
at Slater, Gilbert, and Sioux City, Iowa. All of these precipitates 
were X-ray and electron amorphous. No further data are presented here 
since the water treatment plant operating records were in general 
sketchy and unreliable except in the case of Sioux City. 
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CONCLUSIONS 
The conclusions resulting from this study are summarized below; 
1. Ferrous carbonate, FeCO^, does not seem to be a likely 
precipitate in water treatment plants using conventional aeration, 
detention, and filtration. There are probably enough variations 
amongst the iron oxyhydroxide precipitates to account for differences 
in treatability. 
2. Lepidocrocite, y-FeOOH, is a possible precipitate at pH's less 
than nine if oxygen is the oxidizing agent and if the silica concentra­
tion is less than about 7.1 mg/1 as SiOg. This lepidocrocite is in 
the shape of thin sheets which are rolled and crumpled when dried due 
to the surface tension of the water. Hydrogen and hydroxyl ions serve 
as potential determining ions for y-FeOOH. 
3. Strictly speaking, ferric hydroxide, Fe(OH)^, is not the 
precipitate formed when ferrous iron is oxidized by oxygen. A better 
representation is probably FeOOH'xH^O with the understanding that 
several ions are adsorbed by the precipitate. 
4. Silica affects y-FeOOH crystallization by its adsorption onto 
and possible incorporation into the iron precipitate. This limits the 
growth of individual particles and may disrupt the crystal lattice as 
evidenced by an increasing surface area and amorphousness as the 
initial silica concentration increases. This increasing surface area 
may result in considerable adsorption of unoxidized ferrous iron. 
Increasing the water pH works to the advantage of y-FeOOH formation. 
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5. Divalent cations such as Ca and Zn are adsorbed by the 
negatively charged iron precipitate up to a limiting value with the 
result that the negative zeta potential increases towards zero. Mono­
valent anions such as CI do not seem to be adsorbed while divalent 
anions, such as are negatively adsorbed. Finally, the adsorp­
tion of silica as H^SiO^ seems to make the zeta potential more negative. 
6. The effect of carbonate alkalinity is to increase the pH upon 
aeration and to provide a buffer against a pH drop during precipitation. 
Both of these improve the reaction rate. 
7. The mechanism of iron oxidation by oxygen can be portrayed as 
on page 74. 
8. Within the experimental conditions of this study, rapid 
aeration did not seem to affect the precipitate. 
9. Ferric salts and ferrous salts which are oxidized with strong 
oxidants have smaller pore structures and, therefore, worse filtrability 
on diatomaceous earth filters. It is unknown how closely the crystal 
structure of these precipitates resemble those oxidized by oxygen. 
10. Soft waters may be hard to treat partly because they are low 
in divalent cations which means the precipitate will have a greater 
negative zeta potential which many researchers believe reduces the 
filtrability, but more importantly because soft waters are more likely 
to have low alkalinities which affect the oxidation as discussed above. 
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RECOMMENDATIONS FOR FURTHER WORK 
Our understanding of iron removal is certainly not complete, 
therefore, the author feels that further study of the following topics 
would be worthwhile. 
2+ 
1. Some of the results of this research hint that Fe may be 
adsorbed by the iron precipitate and then perhaps later released in the 
filter. This could explain the poor performance of some treatment 
plants and is a possibility which should be explored to determine under 
2-
what conditions it does happen, such as a high SO^ concentration, and 
what can be done to prevent it. 
2. The crystallinity and particle size of the iron precipitate 
can be affected by the water pH although further research is needed to 
more precisely define this influence. It is also not clear whether 
higher or lower pH's might give precipitates that are more settleable 
and filtrable. However, part of the remedy to iron removal problems 
in soft waters and in one case study (20) was to raise the pH. This 
pH increase may not only serve to speed the oxidation rate and lower 
the zeta potential of the precipitate, but may also improve the 
properties of the precipitate itself for removal. The question is then 
to determine if this is the case and to elaborate on the economic 
advantages of a pH adjustment immediately after or maybe even before 
aeration in a iron removal treatment plant. 
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3. Many plants use Cl^ or KMnO^ to oxidize the iron and these 
oxidants are added at only one point in the treatment process. The 
very fast oxidation rates which result may not give precipitates which 
are easy to filter. Perhaps a more diffuse addition of these chemicals 
could improve plant performance, moreover, the addition of these 
expensive chemicals could possibly be replaced by use of pH adjustment 
to remove the iron. 
4. It is unclear why some iron precipitates cause lower head 
losses in filters and yet are still removed satisfactorily. It appears 
that some precipitates are removed mostly near the surface of the filter 
probably because of the large floe size which results in higher head 
losses and oftentimes lower effluent qualities. This phenomenon seems 
to be more characteristic of precipitates formed from ferric salts and 
ferrous salts oxidized with strong oxidants. It would be of interest 
to see if some relative measurements of floe strength and adsorptive 
capacity could be related to the filtrability of a precipitate. 
5. Polyphosphates are often used in places where the iron concen­
tration is less than 1 mg/1 to prevent iron precipitation rather than 
seeking to form and remove precipitates in a conventional treatment 
plant. How polyphosphates act is a mystery; some people claim it ties 
the iron up and prevents the formation of a solid phase, while others 
claim it peptizes the small iron particles and prevents their 
flocculation and deposition. No serious work was found that really 
evaluated polyphosphates to see how they do act. 
145 
6. The effect of silica on the growth of y-FeOOH could be 
better pinned down by further infrared adsorption work and perhaps by 
the use of a scanning transmission electron microscope (STEM) which 
Iowa State University recently purchased. The STEM has the capability 
of showing elemental distributions which may show whether silica is 
adsorbed on the particle edges or whether it is more homogeneous. 
7. Silica may not be the only material which affects the precipi­
tation of iron. A careful study should be made of the effect of other 
dissolved compounds, which are usually in natural waters, in order to 
determine their influence on the iron precipitate. 
8. Our knowledge of the precipitation of manganese and of iron 
and manganese together may also be incomplete so that studies similar 
to this one might be very worthwhile. 
9. Existing iron removal water treatment plants may be able to 
be upgraded by several methods which have been known but do not seem 
to have been pursued. Copper and cobalt are known to be good catalysts 
of iron oxidation by oxygen but do not seem to have been studied much 
for their practicability. Increasing the pH is another possibility. 
It is the authors feeling that the main problem in filtering iron 
oxidized by strong oxidants is their large floe size, however it has 
also been known that rapid mixing breaks up these floes and increases 
their density. Perhaps this would improve the filtration. Pilot 
plant studies could answer these questions. 
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